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“Alam Hi Võ Kãlãmã Kanthitum Alam Vicikicchitum, 
Kankhanîyê Ca Pana Võ Thãnê Vicikicchã Uppannã, 
Etha Tumhê Kãlãmã Mã Anussavêna, 
Ma Paramparãya, Mã Itikirãya, Mã Pitaka Sampadãnêna, 
Mã Takkahêtu, Mã Naya Hêtu, Mã Ãkãra Parivitakkena, 
Mã Ditthi Nijjhanakkhantiyã, Mã Bhabharûpatãya, 
Mã Samanõ Nõ Garûti. Yadã Tumhê Kãlãmã, 
Attanãva Jãneyyãtha, Imê Dhammã Akusalã, 
Imê Dhammã Sãvajjã, Imê Dhammã Viññû Garahitã, 
Imê Dhammã Samattã, Samãdinnã Ahitãya Dukkhãya 
Samvattantiti: Atha Tumhê Kãlãmã Pajaheyyãtha.” 
 
 
 
Do not believe in anything (simply) because you have heard it. 
Do not believe in traditions because they have been handed down for many generations. 
Do not believe in anything because it is spoken and rumoured by many. 
Do not believe in anything (simply) because it is found written in your religious books. 
Do not believe in anything merely on the authority of your teachers and elders. 
But after observation and analysis, when you find something agrees with reason and is 
conducive to the good and benefit of one and all, then accept it and live up to it. 
 
 
BUDDHA 
Kalama Sutta 
(Anguttara Nikaya Vol I, 188–193 P.T. S. Ed) 
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ABSTRACT 
 
Quantitative understanding of the fate of cyanide in the environment and its role in 
industrial processes requires quantitative characterisation of metal ion–cyanide complex 
formation and also the corresponding metal ion hydrolysis reactions that frequently 
compete with them. This thesis presents quantitative data for complex formation 
constants obtained using a range of techniques for a number of metal ion–hydroxide and 
metal ion–cyanide systems of environmental and hydrometallurgical importance that have 
been found difficult to study in the past. A specially–constructed combined 
spectrophotometric /potentiometric cell has enabled a variety of systems to be studied by 
UV–Visible spectroscopy at very low metal ion concentrations. This has circumvented 
problems associated with precipitation and/or polynuclear metal complex formation, 
which frequently predominate in these systems at higher concentrations. 
 
Using this approach it has been possible to determine the formation constants and spectra 
of the mononuclear hydroxide complexes of Pb(II), Cu(II), Fe(III), Ag(I) and for the 
cyanide complexes of Pb(II), Ag(I), Ni(II) and Fe(III). It has also been possible to 
estimate the solubility products of Pb(CN)2(s), AgOH(s), AgCN(s) and NaFeFe(CN)6(s). 
For some of these species (namely, Pb(OH)42–, the higher order hydroxo–complexes of 
Cu(II) and Fe(III), Pb(CN)+, and the lower cyano–complexes of Fe(III)), the present 
results are the first quantitative estimates of their formation constants. These complexes 
have long been assumed to exist on theoretical grounds but have proven difficult to 
quantify experimentally. The main reasons for this difficulty are the sparing solubility of 
                                                                                                                                    
 
xi 
 
the neutral hydroxides and /or cyanides and the tendency of CN–
 
 to form either very weak 
or extremely strong complexes. 
Where possible, attempts were made to confirm the spectrophotometric results using 
other techniques such as polarography, NMR spectroscopy (for Pb(II)), Raman 
spectroscopy and, for Cu(II), ESR spectroscopy. However, although these techniques 
were sometimes able to provide useful insights into the nature of the species formed, in 
general they were not sufficiently sensitive, or suffered from other constraints that meant 
that they yielded little quantitative information. 
 
The formation constants measured in this work were combined with literature data to 
model the chemical behaviour of hypothetical cyanide–infiltrated soil. This modelling 
indicates that under typical contaminated soil conditions (i.e. soil containing Fe(OH)3(s) 
and [CN–
 
] = 0.1mM), cyanide will be present mainly as the various forms of Prussian 
blue. However, strong competition between cyanide and hydroxide ions for Fe(III), points 
to possible conditions for the chemical degradation of the Prussian blue. 
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1. INTRODUCTION 
 
1.1 Cyanide as a ligand 
 
According to Towill et al.1, cyanides and their derivatives can be classified as (a) the 
cyanide ion (CN–), hydrogen cyanide and its complexes or salts (HCN and M(CN)x, 
such as Fe(CN)63– and nitroferricyanide (Na2(NO)Fe(CN)5.2H2O)), (b) the dangerous 
gases, cyanogen and the cyanogen halides ( (CN)2 & CNX where X = F, Cl, Br, I ), (c) 
cyanates (–OCN) and thiocyanates (SCN–). This classification also includes organic 
derivatives such as nitriles (RCN, where R is an organic moiety), isocyanates (RNCO), 
hazardous isocyanides (RNC), cyanohydrins (R1R2C(OH)CN ) and the biologically 
active cyanogenic glycosides (R1R2C(CN)OR3, with R1 being an alkyl or aryl group, 
R2 a hydrogen atom or a methyl group and R3 usually D–glucose or another glycoside 
adduct). The common feature of these compounds is the presence of a cyano group (–
C≡N) that in aqueous systems can easily be broken down to form HCN or CN–. The 
cyanide ion, which is isoelectronic with the species CO, N2 and NO+, is an ambidentate, 
efficient π–bonding ligand and a reactive unsaturated nucleophilic organic agent2. This 
makes CN– a unique and, industrially, a very useful reagent. It not only forms stable 
complexes with most transition metals (even noble metals like silver and gold) but is 
also extensively involved in organic, biorganic and bioinorganic chemical reactions. 
This reactivity also makes HCN or CN– amongst the most toxic substances to human 
and animal life. However by the same token, it may also have been one of the chemical 
precursors for life on this planet.  
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With the extensive use of cyanides in industry, it is possible that accidental discharges to 
the environment may occur3
 
. Since free cyanide is unstable with respect to chemical and 
biological degradation, apart from localised cyanide poisoning the main risk from 
cyanide pollution is associated with the movement and persistence of stable heavy 
metal–cyanide complexes. In order to understand the behaviour of such species in 
environmental and industrial situations, metal cyanide complexation reactions of the 
relevant systems need to be quantified. 
1.1.1 Toxicity of inorganic cyanide 
 
Toxicity to humans 
Cyanide is a normal constituent of the human body, with blood levels of about 0.8 µΜ4. 
It is continuously converted intracellularly to thiocyanate by the reaction with sulfur–
containing proteins and rhondanese and is subsequently removed via the kidneys. Yet 
intracellular concentrations as low as 10–8 M can severely inhibit the cellular enzyme 
cytochrome c oxidase5,6 causing cytotoxic hypoxia7. This ultimately results in acute 
cyanide poisoning leading to arrhythmias and heart failure. The most effective pathway 
for cyanide assimilation into the human body is by the passage of HCN(g) through the 
lungs. It has been estimated that death can occur in 60 minutes given ambient 
concentrations of 0.13 mg/L and is almost immediate at about 0.2–0.3 mg/L. Death in 
acute cyanide intoxication is caused by respiratory arrest rather than heart failure, 
indicating that the lethal action of cyanide involves the suppression of neural activity. 
Absorption through the gastro–intestinal tract is much slower and the lethal oral dose is 
higher at 0.5–3.5mg/kg body weight13. Presently there is no evidence of teratogenic or 
carcinogenic effects of chronic low level exposure to cyanide. However it has been 
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suggested by Borowitz et al. that in chronic poisoning situations, cyanide toxication may 
lead to degenerative neurological disorders.  
 
Cyanide antidotes 
Several antidotes to treat cyanide poisoning in humans have been reported 8,9. These 
include oxygen administration (100%), sodium nitrite / sodium thiosulphate mixture 
injections, administration of cobalt–containing compounds like dicolbalt edentate 
(Kelocynor) solution or hydroxocobalamin (vitamin B12a). Of these methods, the best 
initial treatment seems to be the administration of 100% oxygen10
 
. Oxygen is able to 
protect the cytochrome oxidase enzyme in vivo and also accelerate its reactivation. 
Cyanide toxicity in the environment 
In natural waters, free cyanide exists almost entirely as molecular hydrogen cyanide due 
to the typical pH values of aquatic systems11,12. Accordingly, it readily penetrates the 
cellular membranes of most organisms, disrupting various metallo–enzymes (containing 
iron, molybdenum, copper, zinc and selenium)13, sulfhydryl and carbonyl derivatives in 
Schiff base intermediates and pyridoxal phosphate based enzymes. However, most 
invertebrate organisms14, some plants and certain microrganisms are less affected by 
cyanide, and some can even grow in cyanide–rich environments. The latter is due to an 
ability to produce cyanide–degrading enzymes or utilise cyanide–resistant respiration 
enzymes like cytochrome d oxidase15
 
. 
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1.1.2 Sources of environmental inorganic cyanide 
 
Human sources 
Cyanides have been known since antiquity, primarily due to the toxic effects of HCN, 
from the naturally–occuring cyanogenic glycosides present in bitter almonds, cherry 
laurel leaves and cassava. One of the first industrial uses of cyanide was in the 
manufacture of the dye Prussian blue 16,17. Today, large quantities of cyanide in the form 
of HCN(g) are made by passing ammonia, air and methane gas over a platinum catalyst 
at elevated temperatures. It is also formed as a by–product in other processes like 
petroleum refining, coke production and cassava flour milling. HCN is required for the 
production of acrylonitrile, used in the manufacture of methylmethacrylate, acrylic and 
modacrylic fibres, adiponitrile, nitrile elastomers and plastics1. It is also used to produce 
sodium cyanide, for the electroplating and metallurgical industry8,. HCN itself is used as 
a rodenticide and insecticide. All these operations produce wastes with high cyanide 
content.   
 
According to Padiyar et al.18 large amounts of cyanide waste is generated by the 
electroplating industry19
18
 and from mining operations, where cyanide is used for the 
extraction of gold, silver , and molybdenum20. Cyanide wastes are also produced from 
petroleum refining and coke forming operations. Historically, gas–manufacturing plants 
that generated large amounts of cyanide were decontaminated by complexation with iron 
to form the (less toxic) iron cyanides. However, these iron cyanide complexes 
consequently persist in many locations around the world.  
 
Apart from chronic cyanide contamination, accidental releases of cyanide are also a 
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cause of significant concern. Breaches in cyanide containment systems have been 
known to happen3. Also, industrial or domestic fires can release large amounts of 
HCN(g)21 since this is a decomposition product of a wide variety of cyanopolymer 
plastics in common use today.  
 
The most thorough way of minimising the discharge of cyanides to the environment is to 
incorporate a detoxification process. Good reviews of available methods8 have been 
given by Padiyar et al., Green et al.22 Bridgewater et al.23 and Kunz et al.24. Free 
cyanide in wastes are generally classified as HCN, CN– or M(CN)z (where M is a metal 
ion that dissociates to Mz+ and HCN at pH ≤ 6), which can be detoxified by the 
conversion of the free cyanide to SCN–, or the iron(II) and iron(III) cyanide complexes 
(which are very stable and hence relatively less toxic). Ultimate oxidation to N2 and 
CO2
44
 with oxidising agents like hypochlorite solutions or by microbiological processes is 
another possibility . Some ingenious recovery processes extract HCN directly by ionic 
exchange25,26, membrane separation27,28, electrochemical methods, steam stripping29, 
and solvent extraction30. Other recovery methods include the use of thermal 
decomposition of iron cyanide wastes, controlled oxidation of SCN– wastes 
electrochemically or with O3(g)31
Natural sources 
.  
 
Cyanide occurs naturally in the environment as part of the carbon cycle. It is formed by 
the reaction of N2 and CO2 during lightning discharges and by several types of bacteria. 
As reported by Knowles32, Dubey and Holmes33 the most common cyanogenic species 
are Pseudomonas(P) aeruginosa, P. fluorescens, P. chlororaphis, P. aureofaciens, 
Chromobacterium(C) lividum and C. violaceum. Various fungi like Marasmius oreades, 
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Stemphyllium loti, Gloeocercospora Sorghi, Snowmolds and algae like Chlorella 
vulgaris, Nosstoc Muscorum, Plectonema Boryanum and Anacystis nidulans also release 
HCN33. However, intact cells do not generally release HCN unless they are stressed or 
damaged32.  
 
In higher plants, cyanide can be formed by the cyanogenic glycosides that are found in 
the leaves of the Rosaceae group of plants, peach and plum seeds (Amygdalin), 
Gynocardia odorata (Gynocardin), stone fruits (Prunasin), black elder leaves 
(sambunigrin), sorghum (dhurrin), white clover, lima beans and cassava (linamarin and 
lotaustralin)1. Cyanolipids (from seed oils of the plant family Sapindaceae eg. Kusum 
seeds) and cyanipyridines (like ricinine from the seeds and leaves of the castor plant 
family) are other forms that occur in plants.  
 
In fauna, isocyano sesquiterpenes have been found in certain types of marine sponges 
like Halichondria, Axinella cannabina, Acanthella acuta and sponges of the order 
Verigoda34. Cyanogenesis is also known to occur in certain centipedes, millipedes (for 
example in Harpaphe haydebiana) and or some other insects that use it for defence. 
However, no such process has been observed in higher animals.   
 
1.2 Dispersion and degradation of inorganic cyanide in the environment 
 
1.2.1 Dispersion processes 
 
Organisms that inhabit the soil and cyanogenic plants rarely, if ever produce enough 
cyanide to cause environmental damage. Thus cyanides are not significant constituents 
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of groundwater and soils. High levels are therefore indicative of pollution due to human 
activity35. Such pollution normally arises from the dispersive dilution of a point source. 
Dispersion can proceed rapidly by the volatilisation of HCN, which has a low boiling 
point (25.7oC) since CN– is protonated in solutions with pH < 8. In fact, experiments 
conducted by Zhang and Hendrix36 showed that about 5 – 10% of cyanide was 
volatilised even from alkaline soils. In the atmosphere, HCN is probably photolytically 
oxidised to NOx and CO37.  
 
In aqueous systems, dispersion of soluble inorganic cyanides is limited by the rate of 
diffusion or by advective transport through underground streams38 through fractures or 
fissures in rocks39. Seepage of cyanide streams through wet soils and rocks are slowed 
further by absorption, adsorption and ion exchange processes, depending on the soil 
make–up and porosity.   
 
Absorption of cyanide on soil particle surfaces and rock matrices is mainly associated 
with the formation of insoluble metal cyanide complexes. Grain size is an important 
parameter. Iron oxide minerals, particularly, absorb soluble cyanides, forming insoluble 
species such as the Fe(III)/Fe(II) Prussian blue complexes. Clays and silts have very 
good absorbing capacity compared to silica sand of similar weight.  
 
Depending on their structure and mineral make up, soils are capable of fractionating 
pollutants percolating through them; cyanide tends to be retained. According to Alesii 
and Fuller40, free cyanide is most delayed by soils having high levels of hydrous oxides 
of manganese, iron or aluminium because these have high anion exchange capacity. 
Acidic–soils were less effective attenuators of cyanide ions. Zhang and Hendrix, found 
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that soil components with high aluminium content like kaolinite, feldspars, plagioclase 
and bauxite attenuated cyanide appreciably whereas quartz, calcite, rutile and illmenite 
were not so good. 
 
1.2.2 Biological assimilation of cyanide 
 
Certain microrganisms have the ability to convert cyanides to ammonia, organic 
nitrogen compounds or nitrogenous salts, carbon dioxide and water. In fact Allen and 
Strobel41 suggested the presence of a cyanide microcycle with both cyanide producing 
and consuming plants, fungi and bacteria. Experiments on the leaching behaviour of 
cyanide waste slurries showed that over time about 71–84% of the cyanide was 
converted to nitrogen compounds42. It was demonstrated that even in the presence of 
stable cyanide complexes like those of nickel(II)43, complete decomposition could be 
achieved in a batch fed system44. However, cyanide degradation depends on the 
tolerance of the microrganisms and their sensitivity to the environment45.  
 
There are several paths by which organisms degrade cyanide. Reviews by Dubey and 
Holmes, Verhoeven, Castric46, Raybuck47, Barr and Aust48 and Knowles give details. 
Since microrgansims, fungi, plants and animals are able to absorb or interact with 
cyanides in the soil, surface and groundwater, their concentration, movement and 
growth will have an important impact of the concentrations of cyanides in the 
environment. 
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1.2.3 Inorganic environmental chemistry 
 
Free cyanide is not stable with respect to hydrolysis to ammonium formate in aqueous 
environments. However without the presence of enzymes this reaction has a half–life of 
0.5–4 yrs49
36
 and is unimportant compared to other chemical degradation processes like 
oxidation. In oxygenated solutions containing heavy metal ions like nickel(II), cyanide 
is oxidised to nitrogen and carbon dioxide via the cyanate ion . It is also readily 
converted to SCN– by the reaction with polysulphidic minerals under anoxic conditions 
50.  
SxS2–    +  CN–  →  Sx–1S2–  +  SCN–       1.1 
S2O32–  +  CN–   →  SO32–    +  SCN–      
 1.2 
Cyanide also reacts with carbonyl containing humin, humic and fluvic acids in soils and 
water systems producing cyanohydrin which in acidic conditions hydrolyses to 
α−hydroxy acids or unsaturated acids and ammonia51,52
:CN-
H+
C
O
C
OH
CN
H2O + H+ C
OH
COO- NH4
+
.  
           1.3 
 
In all these processes, cyanide is either degraded or transformed to other less toxic 
compounds. However a reasonable quantity of cyanide can be stored in aqueous systems 
by complexation with heavy metal ions, forming stable soluble or insoluble species8. 
The formation of some of these species slow down the removal of CN– to a considerable 
extent; indeed, these processes can even control the availability and toxicity of cyanide 
in the environment. Often the source of these heavy metal ions is from metallurgical 
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extraction and plating processes utilising cyanide. However, a variety of trace metal ions 
( Cu(II), Ni(II), Mn(II), Cr(III), Pb(II), Cd(II), etc.) and iron(III) hydroxo–oxides exists 
in soils. For example, some cyanide–leaching experiments conducted on soils from a 
mining site in northern Nevada36 showed that all copper present in the soil was leached 
as copper cyanide complexes. A portion of nickel and zinc ions was also leached as 
Ni(CN)42– and Zn(CN)42– respectively with the retention of some Ni(CN)2(s) and 
Zn(CN)2(s) at pH ≤ 9.5 .  
 
Of all the heavy metal interactions with cyanide in the environment, those involving 
cyanide complex formation with iron oxides or its hydrolytic products are perhaps the 
most significant. This is due to the very high stability, insolubility and kinetic inertness 
of some of these species and the abundance of iron(II) and iron(III) in the natural 
environment53. In investigating the mobility of cyanide in different soil types, Fuller 
found cyanide retention could be attributed to the precipitation of Prussian blue 
complexes (Fe4[Fe(CN)6]3(s), FeKFe(CN)6(s) etc.). Free iron oxides and CaCO3 
seemed to have a greater retentive effect on the mobility of cyanide ions than soil pH or 
texture. In experiments with Ba(CN)2 slurries, Lagas et al. showed that after an initial 
washout period, 7–23% of the initial cyanide precipitated out probably as Prussian blue 
complexes. It’s also reported that in old cyanide–polluted sites most of the cyanide 
present was in the form of Prussian blue–complexes.   
 
The toxicity of these sites depends on the dissolution behaviour of Prussian blue 
complexes and their breakdown products. Meeussen et al.,54 have shown that the 
dissolution of Prussian blue depends on the pH and redox potential of the aqueous 
system. Moreover, the breakdown of Prussian blue complexes can also occur by 
                                                                                                                                    
 
11 
 
photodegradation. Natural levels of visible and UV radiation are sufficient to lower the 
inertness of these complexes, promoting hydrolysis and the release of HCN55,56. This 
was demonstrated experimentally in tanks holding live Rainbow trout using Fe(CN)63– 
solutions with only 2mg/L of cyanide. Nothing happened in the dark but, in direct 
sunlight, enough free cyanide was produced to kill the fish.  
 
At equilibrium, the distribution of metal cyanides in any system depends on the metal 
and cyanide concentrations and on other parameters like the solution temperature, ionic 
strength and the redox potential. For a given set of conditions, this knowledge is 
summarised in the form of mass balance equations that incorporate the stability 
constants (βpq) of the various soluble species and solubility products (Ksp) of the 
sparingly soluble compounds. For aqueous systems, the hydrolytic behaviour of the 
various metal ions must also be included, i.e., corresponding equilibrium constants of 
the hydrolysis products must also be known. CN– persists in the environment only at 
reasonably high pH. This means that its binding to metal ions is determined to a 
significant extent by the extent of metal hydrolysis. Thus, in order to understand the fate 
of cyanide in the environment, quantitative studies of the stability values of relevant 
heavy metal ion/CN–/OH– species are essential.   
 
A brief survey of the stability constants of various environmentally and industrially 
common heavy metal ion/CN–/OH–
Table 1–1
 complexes found in the literature is summarised in 
. The values of the cyanide species were extracted from the JESS database 
(Version 6.1a, 1999), as in the form given by the log of Equation 1.8 and those for the 
hydroxide species were taken from Baes and Mesmer57 in the log form of Equation 1.13. 
While these values are not comprehensive and serve only as an illustration, it can be 
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seen that there is a lack of information for the important Cu(II), Pb(II), Fe(III) and 
Fe(II)/CN– and the Fe(III), Cu(II) and Cu(I)/OH–
 
 systems. Although experimental 
difficulties can be blamed for this shortfall, very little headway in understanding the 
environmental solution chemistry of cyanide is likely to be made as long as the 
speciation of these systems remain so poorly characterised. 
Table 1–1 A selection of the formation constants of the mononuclear cyanide and 
hydroxide species of some common heavy metals at 25°C. Values in parentheses are 
estimates. 
System I /M logβ logβ11 logβ12 logβ13 logβ14 logβ15 
Zn(II)/CN
16 
3(NaClO– 4 5.3 ) 11.02 16.68 21.6   
Cd(II)/CN 0 – 6.01 11.12 15.7 17.92   
Hg(II)/CN 0 – 17.0 32.7 36.3 41.3   
Cu(II)/CN 0 –  (16.3) (21.6) 22   
Cu(I)/CN 1(NaCl) – 16.33 23.97 29.34 31.78   
Ag(I)/CN 0 –  20.48     
Pb(II)/CN 1(KCN,23°C) –    (10.3)   
Fe(II)/CN 0 –      (36.9) 
Fe(III)/CN 0 –      (43.9) 
Ni(II)/CN 3 (NaClO– 4 7.0 ) 14 22 31.1 30.4  
        
Zn(II)/OH 0 – –8.96 –16 –28.4 –41.2   
Cd(II)/OH 0 – –10.08 –20.35 (–33) –47.35   
Hg(II)/OH 0 – –3.4 –6.17 –21.1    
Cu(II)/OH 0 – (–8) (–17) (–28) (–39.6)   
Cu(I)/OH 0 –       
Ag(I)/OH 0 – –12.0 –24.0     
Pb(II)/OH 0 – –7.71 –17.12 –28.06    
Fe(II)/OH 0 – –9.5 –20.6 –31 –46   
Fe(III)/OH 0 – –2.19 –5.67 (–12) (–21.6)   
Ni(II)/OH 0 – –9.86 –19 –30 (–44)   
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1.3 Hydrolysis of metal ions and its characterisation 
 
Depending on the strength of the complexes formed, metal ion hydrolysis may occur 
even at relatively low pH (taken throughout this thesis to be –log[H+]). Since the 
concentration of these hydrolytic products (species or complexes) formed, basically 
determines the behaviour of the cation in aqueous solutions, an understanding of the 
dependence of species concentration as a function of pH is important. Under 
equilibrium conditions, this dependence is characterised by the hydrolytic formation 
constants57.  
Metal ion hydrolysis in aqueous solutions can be described by the formation reaction 
pM(OH2)wz+ + qOH–  ⇔  MpOu(OH)q–2u(OH2)k(pz–q)  +  (pw+u–k)H2
qpz
w2
qpz
k22uqup
][OH])[M(OH
])(OH(OH)O[M
β
)(
−+
−
−=
O  1.4 
for which the corresponding equilibrium constant (β) may be written as  
       1.5 
where the square brackets are used to denote concentration. Thermodynamic methods 
are unable to distinguish between species containing –O2– and two OH– ions in aqueous 
solutions since they differ only by a water molecule  
MpOu(pz–2u)   +  uH2O  ⇔  Mp(OH)2u(pz–2u)      1.6. 
Accordingly, the formation reaction is often simplified to  
pMz+ + qOH–  ⇔  Mp(OH)q(pz–q)
βpq
p q
p q
M OH
M OH
pz q
z
=
−
+ −
[ ( ) ]
[ ] [ ]
( )
         1.7 
with  
         1.8 
where βpq is the formation constant of species Mp(OH)q.  
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Strictly, the equilibrium constant for Equation 1.8 is written as  
qppq
0
)a()a(
a
OHzM
)qpz(
q)OH(pM
−+
−
=β          1.9 
where ai = [i]γi is the activity of i and γi its activity coefficient. The relationship 
between the so–called stoichiometric formation constant (βpq) and the standard state 
value (β0pq
β β γ νpq pq i
i
i= ∏0
) is  
         1.10 
where ν i is the stoichiometric coefficient of the participating species58. To a first 
approximation, changes in activity can be taken as a function of ionic strength (I) where 
∑=
i
2
ii ]z[i2
1I           1.11 
and zi is the charge number of the ions present (positive for cation and negative for 
anions)59. Thus activity coefficients can be held constant by performing experiments at a 
fixed ionic strength. This is commonly achieved by the addition of a non–complexing 
‘supporting’ electrolyte at high enough concentrations, typically at least ten times the 
concentration of the reactants60 to swamp the smaller changes caused by varying metal, 
ligand and species concentrations during experimentation. A popular supporting 
electrolyte is sodium perchlorate. For the purpose of this thesis the formation reaction 
used is expressed in the form  
pMz+ + qH2O  ⇔  Mp(OH)q(pz–q) + qH+










= +
+
−
pz
qq)(pz
qp
pq ][M
]][H(OH)[M
β*
      1.12 
for which the stability constant is   
       1.13 
This can be converted to the log form of Equation 1.8 using the log of the association 
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constant of water (pKw) at the respective ionic strength where  
logβpq = (pKw × q) + log*βpq        1.14 
The step–wise formation constant (K1q) is also frequently used where  
logK1q = logβ1q – logβ1(q–1)        1.15 
 
Throughout this thesis pKw is taken to be 13.69 (I = 0.5M NaClO4) 13.77 (I = 1M 
NaClO4) and 14.77 (I = 5M NaClO4)61. All measurements were made at a temperature 
of 25.0o
 
C and at atmospheric pressure. Unless otherwise specified, the solution ionic 
strength was maintained with a sodium perchlorate–supporting electrolyte. 
1.4 Research objectives 
 
Given that the speciation of many important heavy metals with both cyanide and 
hydroxide remain poorly characterised, a quantitative investigation of these formation 
constants constitutes the primary objective of the work described in this thesis. 
Specifically, a quantitative study of the hydrolysis reactions of Pb(II), Ag(I), Cu(II) and 
Fe(III) at very low metal ion concentrations is attempted. In addition, studies have also 
been carried out for the cyanide complexes of Ag(I), Ni(II), Pb(II), Fe(III) and Fe(II). 
The Cu(II)/CN– system was not investigated because of the well known conversion of 
Cu(II) to Cu(I) in the presence of CN– 56 .  
 
Most of the measurements have been made by UV–Vis spectrophotometry in a specially 
designed cell. Because of the difficult nature of these systems other techniques have also 
been used wherever possible. Finally, a simple chemical model of the fate of cyanide in 
soil has been developed to demonstrate the use of these stability constants. 
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2. THE HYDROLYSIS OF LEAD(II) 
 
2.1 Introduction 
 
Lead is widely used throughout the industrialised world and is ubiquitous in the 
biosphere,62. It is of major concern as an environmental pollutant, being both an acute 
and chronic toxin toward human and other animal species63. The common oxidation 
state of lead, Pb(II), is mobile in the environment, and readily accumulated by both 
plants64 and aquatic organisms 65,66. In neutral or alkaline solutions (pH > 6), Pb(II) is 
extensively hydrolysed:   
pPb2+(aq) + qH2O  Pbp(OH)q(2p–q)+(aq) + qH+(aq)    2.1 
forming both ‘mononuclear’ (p = 1) and ‘polynuclear’(p > 1) species. Precise 
quantification of such equilibria is clearly of critical importance in understanding and 
modelling of the behaviour of Pb(II) in environmental, biological and industrial 
solutions.  
In their comprehensive account of metal ion hydrolysis reactions, covering the literature 
up to the late 1970’s, Baes and Mesmer showed that at [Pb(II)]T about 10µM, the 
species Pb(OH)q(2–q)+ (1 ≤ q ≤ 3) and Pb3(OH)42+ Figure 2.1 are formed ( ). At higher 
[Pb(II)]T (~0.1M) the species Pb4(OH)44+ and Pb6(OH)84+ are formed instead, with 
small quantities of Pb3(OH)42+ and perhaps other less well established species; like 
Pb2(OH)3+ Figure 2.2 ( , Table 2–1). At about pH 10, the white, very sparingly soluble 
‘lead hydroxide’ precipitates. Although an X–ray powder pattern has been reported for 
this compound its exact nature remains rather ill defined68. The formation of Pb(OH)2(s) 
is believed to be favoured at low [Pb(II)]T or in systems such as those containing acetate 
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which form relatively soluble ‘basic lead salts’. Moreover, Pb(OH)2(s) appears to be 
unstable and readily decomposes to lead hydroxo–oxides when removed from solution. 
In many situations, such as precipitation from solutions of nitrate and carbonate, the 
white solids formed at high pH are ‘basic lead salts’ (lead hydroxo–anion salts) rather 
than Pb(OH)2.   
 
Lead hydrolysis at high hydroxide concentrations is poorly understood. This uncertainty 
does not reflect any lack of work in this area. The problem is that experiments 
performed with different methods have yielded inconsistent results. For the most part, 
two chemical models have resulted. The first of these predicts the formation of a fourth 
mononuclear Pb(II) species; the plumbite ion (Pb(OH)42– or PbO22–). The other asserts 
that no mononuclear species exists beyond the biplumbite ion (Pb(OH)3– or HPbO2–
69
). 
The biplumbite model is claimed to be in accord with the hydrolysis of tin(II) ,67, which 
belongs to the same periodic group as lead(II).  
 
The simplest method experimentally, that has been employed in the study of this system 
has been solubility measurement68. On the basis of such studies, Pb(OH)3– (or HPbO2–) 
was found to exist in solution at high pH69. However, no salts with the biplumbite 
structure appear to have ever been isolated. Only crystalline solids having the chemical 
formula M2PbO2 (where M is a univalent cation) like silver plumbite (Ag2PbO2)70 and 
sodium plumbite (Na2PbO2)71 have been prepared and characterised. Moreover 
ultracentrifugation studies72 indicate only the presence of mononuclear species, 
including PbO22–, at high hydroxide concentrations. This conclusion was contradicted 
by potentiometric73 and polarographic74– 76 studies, which at high [OH–]T only found 
evidence for the existence of Pb(OH)3– and, possibly, a polynuclear species77. 
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Measurements using ‘tyndallometry’ to detect the boundary between the sparingly 
soluble Pb(OH)2(s) and lead species in alkaline solutions at constant ionic strength 
suggested that the soluble species had a charge of –2 78. More recently, Ferri et al. 79 
using electromotive force measurements at very high [OH–] have reported the existence 
of a number of higher order mononuclear Pb(OH)q(2–q) (aq) (q = 3, 4 and 6) complexes. 
Interestingly, they claim that although both Pb(OH)42– and Pb(OH)64– could be detected, 
Pb(OH)53– could not. Whilst the absence of a member of a series of stepwise equilibria 
is known, it is highly unusual.  
 
In view of these contradictory findings, a careful re–investigation of the Pb(II)/OH– 
system is appropriate. Unfortunately, the poor solubility of PbO(s) (minimum solubility 
for red PbO = 40µM) severely limits the range of available techniques. Byrne et al. 80 
have recently reported the successful application of UV–Visible spectrophotometry to a 
study of Pb(II)/halide systems. However, in near–neutral solutions, Pb(OH)2
2.2.3
(s) is rather 
less soluble than the lead(II)–halide salts. Accordingly, a long path–length cell was 
developed (Section ) which enabled simultaneous high precision potentiometric 
and spectrophotometric measurements. Although long path length spectrophotometric 
cells reduce the spectral signal to noise ratio, they provide the sensitivity needed to study 
the hydrolysis at concentrations below the solubility limit of Pb(OH)2(s). To further 
evaluate the discrepancies seen by previous researchers, a re–examination using 
differential pulse polarography, 207Pb nuclear magnetic resonance and Raman 
spectroscopy was conducted at high [OH–
 
]. 
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Figure 2.1 Speciation the of lead (II)/OH– system at [Pb(II)]T = 10µΜ, I = 1M and 
25°C simulated by the SPECFIT program based on the model of Baes and Mesmer. 
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Figure 2.2 Speciation of the lead(II)/OH– system at [Pb(II)]T = 0.1M, I = 1M and 
25°C simulated by the SPECFIT program based on the model of Baes and Mesmer. 
 
  
 
Table 2–1 Literature studies of the hydrolysis products of lead(II) 
Ionic T/o  C     log*β  pq     Method Ref. 
a 
Strength  Pb(OH) Pb(OH)+ 2 Pb(OH)
0 
3 Pb(OH)
 
4 Pb(OH)2– 6 Pb4– 2(OH) Pb3+ 3(OH)3 Pb3
+ 
3(OH)4 Pb2
+ 
3(OH)5 Pb+ 4(OH)4 Pb4+ 6(OH)8  4+  
3M NaCl 25  –20.33 –32.21         Pot 81
0.3M NaClO
 
25 4  –17.2 –27.99         Pot 73 
0.3M NaClO 25 4 –7.8       –23.35  –19.9 –42.66 Pot 84 
1M NaClO 25 4 –7.8       –22.69 –30.8 –19.58 –42.43 Pot & Cal 82
2M NaClO
 
25 4 –7.9         –19.35  Pot 83
3M NaClO
 
25 4  –17.5 –29.00         Pot 73 
3M NaClO 25 4 –7.9       –22.87  –19.25 –42.14 Pot 84
3M NaClO
 
25 4      –6.3    –19.19  Pot 85
5M NaClO
 
25 4   –30.3 –45.6b –76.1b  b      Pot 79 
1.5M Mg(ClO4) 25 2      –6.49    –18.90  Pot 
 
1.5M Ba(ClO4) 25 2      –6.3    –19.16  Pot 
 
3M LiClO 25 4       –15.29 –22.78  –19.42 –42.33 Pot 86
→0M Ba(NO
 
3) 18 2 –7.8     –7.3    –20.92  Pot 
0.06M Ba(NO
c 
3) 20 2 –8.4         –18.05  Pot 87 
0.6M Ba(NO3) 20 2 –8.7         –18.75  Pot 87
2M NaNO
 
25 3 –8.8     –7.11    –21.72  Pot 88
0.1M KNO
 
25 3 –7.86       –23.91 –31.75 –20.40 –43.38 Pot 89
→0M KNO
 
25 3   –28.1  
d        Pol 75 
0.1M KNO 25 3 –6.8 –16.1e  e         ASV 90
0.1M KNO
 
25 3 –7.3 –14.1e  e       –18.8  d Pot 91
1M KNO
 
25 3 –6.8 –16.6e  e         Pol 90
1M KNO
c 
25 3   –27.2  e        Pol 74 
1M KNO 25 3 –7.94       –22.83  –19.01 –41.55 Pot & Cal 82 
2M KNO 25 3   –29.5  e        IC 76 
               
1M NaClO 25 4 –7.2 –16.2 –26.5 –38.0        UV-Vis p.w.
5M NaClO
f 
25 4 –7.2 –16.2 –26.7 –38.7        UV-Vis p.w.f 
a Abbreviations: pot–potentiometry, cal–calorimetry, pol–polarography, ASV–anodic stripping voltammetry, IC–inverse chronoamperometry, UV-Vis–UV-Vis Spectrophotometry; 
b Recalculated using a pKw of 14.8 ; c Citing the data of others; d Recalculated using a pKw of 14.0 ;e Recalculated using a pKw of 13.8 (I = 0.1M KNO3), 13.7 (I = 1M KNO3) and 
13.9 (I = 2M KNO3)92; f Table 2–2 Present work, see  
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2.2 UV –Vis spectrophotometry 
 
2.2.1 Reagent preparations.  
 
Glassware  
All prepared reagents were made in an air–conditioned laboratory at 23 ± 2oC. 
Calibrated grade ‘A’ volumetric glassware93 was used throughout. The glassware was 
cleaned with chromic acid, washed thoroughly before and after use and kept filled with 
deionised water when not in use94
 
. 
Water 
All solutions were made up using high purity water (Millipore, Milli–Q system) heated 
at about 90o
 
C while sparging with pure nitrogen gas (Air Liquide, High Purity, Western 
Australia). 
Supporting electrolyte  
Sodium perchlorate was used throughout as the supporting electrolyte because of its 
limited complexing properties and its optical transparency down to ~ 200nm. An 
investigation of the spectral purity of various commercial products was conducted and 
subsequently ~ 8M stock solutions of NaClO4.xH2O (Aldrich Chemical Company, 
‘99.99%’ grade, USA) were prepared by dissolving ~ 1kg (actual 1053.25g) of salt with 
387.22g of water. The solution was then filtered (GelmanSciences, USA, Versapor–450 
47mm × 0.45µm supported membrane filter) and analysed (± 0.1%) gravimetrically by 
dehydration. This was achieved by sub–boiling evaporation (80°C) of a sample of the 
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solution followed by dehydration at 200°C to constant weight. The stock sodium 
perchlorate solution used had a concentration of 4.993 ± 0.001mol/kg of solution (~ 
8M). 
 
Sodium hydroxide stock solutions  
Two sources of sodium hydroxide were used for the experiments. For titrant solutions 
requiring 1M NaOH, stock solutions (~ 20M) were prepared from a saturated solution of 
analytical grade NaOH (Ajax Chemicals, Australia, 97% grade), filtered (0.45µm) and 
stored in airtight Pyrex–glass containers. The exact concentration was then determined 
(after dilution) by glass electrode potentiometric titrations and evaluated by the Gran 
method95 using the ESTA suite of computer programs96. NaOH solutions prepared in 
this manner had a carbonate concentration less than 0.05% of the total alkalinity (i.e. 
less than 4 mM in the 8M NaOH stock solution)97
 
. For 0.1M ± 0.2% NaOH, 
commercial standard solutions (BDH, Convol, U.K.) were used. Less concentrated 
solutions were prepared by volumetric dilution. 
Perchloric acid stock solutions  
Perchloric acid stock solutions (0.1M) were prepared by diluting ~ 7.192g of 
concentrated HClO4 (BDH Laboratory Supplies, AnalaR Analytical Reagent 70% 
HClO4, UK) to 500mL with water. This solution was calibrated (± 0.2%) against 
standard 0.1M NaOH with methyl orange as the indicator. 
 
2.2.2 Theory 
 
The absorption of ultraviolet (UV) or visible (Vis) electromagnetic radiation by 
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molecules involves the resonant abstraction of photons that excite electrons from ground 
to various excited states. Since each solvated complex is expected to have unique 
absorption characteristics, the absorbance (A) of a solution is described by the Lambert–
Beer Law  
]species[logA 0 λε=φ
φ
=         2.2 
where [species] is the concentration of the absorbing species ( in M), ελ  its absorptivity 
coefficient (in M–1cm–1) at wavelength λ,  the cell path length (in cm), φ0 and φ  are the 
initial and final transversing monochromatic radiant flux. Beer’s law is additive for 
multicomponent mixtures provided there is no interaction between absorbing species i.e. 
at wavelength λ  
Atotal = ε1,λ  [1] + ε2,λ  [2] + ……….εn,λ  [n]     2.3 
Deviation from this law can be mainly attributed to changes in chemical equilibria. 
However, interferences from changes in solution refractive indices, fluorescence, 
turbidity and stray light may also occur98
A pH A pH A pHactual raw background( , ) ( , ) ( , )λ λ λ= −
. For example in the case of turbidity caused by 
incipient precipitation, a sudden lifting of the spectra (increase in absorbance) across all 
wavelengths is seen (typically A > 0.05 in a 10cm path length cell equivalent to A > 
0.005 in a conventional 1cm path–length cell). This is followed by a decrease in the 
height of the main absorption peak (compared to the lifted baseline) due to the fall in the 
concentration of the absorbing species in solution.  
 
In order to differentiate absorbance effects due to the background electrolyte from those 
due to the interactions of interest, blank subtractions were necessary  
     2.4 
Such subtractions are made on the assumption that the two processes are mutually 
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exclusive and the background electrolyte does not interact appreciably with the cation 
within the pH range used. Thus all spectral effects derived after the blank subtraction 
can reasonably be attributed to changes in speciation at the various pH values.  
 
Usually the spectral effects seen are systematic changes in the absorbances from one set 
of peaks and troughs to another, with the existence of points of equal absorptivities. 
These so–called isosbestic points, are an indication that changes in speciation have 
occurred. Since the Lambert–Beer equation is also linear, using matrix algebra, the 
given set of absorbance values versus wavelength and pH data can be expressed in the 
form of an n–dimensional eigenfunction. This set of data can then be analysed using 
efficient algorithms to find the relevant eigenvalues. Since these eigenvalues are related 
to the stability constants of the species that are present, they can be used to develop a 
speciation model99. Hence the spectral contribution from all the various species present, 
along with the respective stability constants, can be deconvoluted from the raw 
spectrophotometric data100. For example, in a system containing four mononuclear 
hydroxide species i.e. Mz+, MOHz-1, …M(OH)4z-4
])OH(M[A izi
4
0i
i
−
=
∑ ε= 
, according to the Lambert-Beer Law 
the total absorbance for such a system would be 
        2.5 
Since 
]M[
]H][)OH(M[
z
iiz
i
i1 +
+−
=β   and  ∑
=
−+ =
4
0j
jz
jT
z ])OH(M[]M[    2.6 
i
z4
0i
i1i ]H[
]M[A +
+
=
∑ βε=    and  ∑
=
+
++ β=
4
0j
jj1T
zz
]H[
1]M[]M[     2.7 
and hence j
4
0j
j1i
4
0i
i1i
T
z ]H[
1
]H[
1
]M[
A*a +
=
+
=
+ ∑∑ ββε≡≡      2.8 
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This fourth-order equation in 1/[H+]i can then be solved for each β1i (i = 1, 2..4, since 
β10 = 1) and εi 99 (i = 0, 1,…4) for each wavelength λ . 
 
2.2.3 The long path–length spectrophotometric titration cell 
 
To perform the spectrophotometric titrations, a special vessel (Figure 2.3) was 
constructed. This consisted of a conventional tall–form water–jacketed potentiometric 
titration cell made of borosilicate glass. Optically flat quartz windows were attached via 
appropriate graded glass seals to produce an optical path length of about 10cm. Some 
neoprene foam rubber was used to insulate the protruding windows and a stainless steel 
shield was made to protect them. The vessel was sealed with a snug–fitting PTFE101 lid 
machined with five standard taper joints to accommodate the electrodes, N2
 
 gas tubing 
and a thermometer. Reproducible alignment of the cell in the spectrophotometer was 
achieved with an appropriate mounting.  
The background spectrum of water relative to air using this spectrophotometric cell was 
recorded in Figure 2.4. A relatively low, but non–zero, absorbance was seen from 200–
800nm. This absorbance becomes very high at λ < 200nm. Several spikes were also 
present. It was suspected and confirmed that these were caused by defects in the 
windows of the spectrophotometric cell. The effects were present in the results of all 
experiments and blanks, and did not vary with changes in pH (Figure 2.5). These spikes 
were useful in assessing the success of the blank subtraction process in the data analysis 
procedure though they were detrimental when the spikes overlapped with important 
spectral information. Fortunately, most of the spectra used in this work were confined to 
the region 200–400nm, which did not contain any spikes.  
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Figure 2.3 The long path–length titration cell (with electrodes, etc. out of the optical 
path). 
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Figure 2.4 The spectrum of water against air showing spurious background 
absorbance and spikes of the long path–length cell. 
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Figure 2.5 A typical series of spectra obtained for a I = 1M(NaClO4) solution at 2 ≤ 
pH ≤ 13 taken against air. 
 
The cell was calibrated using K2Cr2O7 solutions of known absorptivity and 
concentration102 Figure 2.6 ( ). By comparing the solution absorbances in the wavelength 
region (λ = 220–450nm) with a standard 1.00cm cell, the optical path length of the cell 
was found to be 10.76 ± 0.05cm. 
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Figure 2.6 The spectrum of a 57.4µM K2Cr2O7 solution using the 10.76cm cell and 
a standard 1.00cm cell. 
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2.2.4  Instrumentation and procedures  
 
Absorption spectra were recorded with a Hewlett–Packard 8452A diode array 
spectrophotometer calibrated against didymium and holmium standards. Measurements 
were taken with an integration time of 1 second. Solutions were stirred with a PTFE– 
coated magnetic bar driven by a magnetic rotor (Metrohm, type E402) mounted at 90o to 
the cell. The temperature in the cell was maintained at 25.0±0.05oC (NIST–traceable) by 
a refrigerated circulation thermostat system (Grant Instruments, UK, type SB3/74GB 
coupled to a cooler unit). Solution temperatures were monitored throughout the 
titrations using a calibrated mercury thermometer (± 0.05oC).  
 
Hydrogen ion concentrations were measured in situ using a glass electrode (Metrohm, 
model 6.0101.000) and a Ag/AgCl reference electrode103 in conjunction with a salt 
bridge containing 1 or 5M NaClO4. Potentials were measured to ±0.1mV with a high 
impedance digital voltmeter of in–house construction. Glass electrodes were calibrated 
using a one point ex situ measurement of a solution containing 0.010M H+ in NaClO4 at 
the appropriate ionic strength. Electrodes were checked for Nernstian behaviour by 
occasional strong acid–strong base titrations. Since very low metal ion concentrations 
were used, very little difference was observed between an ex situ calibration and an in 
situ one–point calibration.  
 
All titrations were performed under N2 at constant ionic strength (NaClO4). Titrant was 
added from a piston burette (Metrohm Dosimat, Model 665, calibrated accuracy ± 0.1%) 
and potentials were recorded after 1–5 minutes of equilibration. To minimise errors 
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during data processing, the spectra of solutions, with and without the metal ions, were 
recorded at identical pH values as far as possible. Each spectrum was recorded from 
190–820 nm. Duplicate experiments were performed at each ionic strength and metal 
ion concentration. Metal ion concentrations used were such that a majority (> 90%) of 
the absorbance readings fell in the range 0.2 < A < 1 (the linear range of the 
spectrophotometer) and no precipitation occurred during the titration. 
 
Special precautions  
Since only trace amounts of metal ions were used in these experiments, extra 
precautions were necessary to prevent cross contamination. All concentrated solutions 
from stock bottles were taken using disposable Pasteur pipettes and weighed in clean 
dry beakers. All bottles containing cation stock solutions were dedicated for the 
particular purpose and not interchanged. The preparations of the test solutions were 
made in a clean environment and, where necessary, using lint free tissue paper 
(Kimberly–Clark, Kimwipes fine grade 4103, Australia). 
 
Data analysis  
Background spectra for NaClO4(aq) at the desired pH values were obtained by linear 
interpolation of the experimental spectra using the EXCEL spreadsheet. These were 
subtracted from the spectra of the relevant metal ion–containing solutions. Calculations 
were done manually at first and then automated using a Visual BASIC program. The 
wavelength range used for the analysis was selected on the basis that the background 
absorbance did not change by more than 0.1 over the pH range being considered. This 
wavelength range also included a portion of the non-absorbing range to help in the 
convergence of the fitting calculation. Errors from detector saturation were minimised 
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by ensuring that both the absorbances of the background and the metal ion/OH– 
solutions did not exceed 1.0. Suitable baseline standardisation of the spectra removed 
detector dark current errors. Interference from changes in solution refractive indices 
were minimised by excluding the spectra of solutions undergoing large compositional 
changes typically at pH > 13. Subsequently the spectra were evaluated using the 
computer program SPECFIT,104
 
. 
2.2.5 The SPECFIT program 
 
In SPECFIT104 with model parameter Nc = 2, complexes are normally designated as 
(M,L,H) for a system having metal ions (M), ligand (L) and protons (H). The free metal 
ion is given the designation (1,0,0) and its logβ10 value fixed to unity in the model. The 
unhydrolysed ligand is usually given the designation (0,1,1) and its stability value is 
fixed to the pKa value of the ligand. Subsequent metal ligand species are designated 
(p,q,0). However for the hydroxide system where the ligand is part of the dissociation 
product of the solvent, modifications to this usual description had to be made. In this 
new format the free metal ion in solution is again MLH = (1,0,0), but subsequent species 
Mp(OH)q that form are given the form (p,0,–q). Also in the spreadsheet used for this 
model, dummy values (the same values used for the metal ion concentration) had to be 
used for the ligand concentrations with the designation (0,1,0) given a value of unity. 
The stability values derived by this format are the log*βpq
1.13
 values according to Equation 
.  
 
If the model contains only mononuclear species (i.e. p = 1) then a simpler model 
description with Nc = 1 could be used. Here the species designation is given by L, H 
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with the free metal ions given the designation (1,k) where k is a positive integer ≥ the 
maximum q value. Subsequent mononuclear species are then given the designation 
(1,k–q). With this model the stability values are also in the form of log*β following 
Equation 1.13 105. Speciation analyses were made using the program switch for defining 
abscissae of the speciation graphs produced. For analysis with respect to pH the model 
designation of 1 was used and if the calculations were performed with respect to ligand 
concentration, 2 was used.  
 
The suite of programs in SPECFIT was utilised both to check the data and to fit the 
assigned models in the evaluation of the stability constants. Factor analysis was applied 
first to calculate the eigenvalues necessary to account for the variation in the spectra. 
Evolving factor analysis106 was then used to establish a possible profile of speciation 
concentrations versus pH, and spectral contribution plots without a specific model. The 
evaluation process with an assigned model was conducted by comparing plots of the 
predicted absorptivities (ελ) from SPECFIT with the original spectra. Variations were 
verified using the extracted absorbance versus pH plots. Various possible models were 
tested with the calculation of the stability constant values, their standard deviations and 
the overall standard deviation in the absorbances. The preferred model was determined 
on the basis of a minimum absorbance objective function (i.e., low σabs); correct 
identification of visually apparent isosbestic points, peaks and troughs; independence of 
the spectral contributions and logβpq values from already identified species; and 
chemical reasonableness of the model and of the constants. It should be noted that the 
standard deviations in the stability constants calculated by SPECFIT are ‘internal’ 
standard deviations, which reflect the goodness-of-fit of the data by the model. Real 
errors (uncertainties) in the stability constants are generally a factor of 5 – 10 times 
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greater. In this work the errors have been estimated as the unbiased overall standard 
deviation of the logβpq
2.2.6 Acid base titrations 
 values obtained under widely differing conditions.  
 
 
Blank spectra covering two pH ranges at two electrolyte concentrations (1M and 5M) 
were used for background correction of all the UV spectrophotometric experiments. 
Spectra at 2 ≤ pH ≤ 11 were obtained by titrating 0.01M OH– into 0.01M H+
2.2.4
 aliquots (~ 
40 mL), at the appropriate ionic strength in the spectrophotometric cell. Spectra for the 
wider pH range (2 ≤ pH ≤ 13) were obtained using 1M or 5M NaOH titrant as 
appropriate. The experiments were conducted as described in Section , with the 
first potential reading used to calibrate the electrodes. 
 
2.2.7 Complexation titrations 
 
Lead(II) stock solutions (~0.02M) were prepared by dissolving 0.96g solid, basic lead 
nitrate, freshly precipitated from 8M NaOH and twice recrystallised Pb(NO3)2 in 
200mL of 0.1M perchloric acid (BDH, UK, analytical grade). The exact concentration 
of Pb2+ was then determined (± 0.2%) by titrating with 0.01M ETDA (BDH, UK, 
Concentrated Volumetric Standard) in the presence of an ammonia, ammonium tatrate 
buffer and eriochrome black T indicator. Titrand solutions were prepared containing 5, 
8, 9 or 10µM Pb2+ and 0.01M HClO4 at the desired ionic strength in NaClO4. Titrant 
solutions were prepared in the same way except that 0.01M of OH– was used instead of 
0.01M HClO4. Titrant solutions with 1 or 5M NaOH, and the appropriate Pb2+ 
concentrations, were also prepared for titrations at high hydroxide concentrations.  
                                                                                                                                   34 
 
 
 
The spectral–pH region 216–300nm with 2 < pH < 10.8 was used to obtain the stability 
values of the first 3 species whilst the region 232–300nm at 2 < pH < 12.6 was 
employed in the analysis of the last species by fixing of stability values of the first 3 
species. Experiments were carried out at Pb(II) = 8 and 9µM (I = 5M (NaClO4)) and 5, 
8, 9 and 10 µM (I = 1M (NaClO4
 
)). 
2.3 Differential pulse polarography 
 
Theory 
The potential difference between the peaks of the complexed metal ion and the 
respective simple free ion in a reversible differential pulse polarograph is given by 107–
110
1q
qy
cp
sp
spcp β]log[L0.434nF
RT
)(I
)(I
log
0.434nF
RT)(E)(E −−=−
 
   2.9 
For a system with q stepwise mononuclear complexes, this is described by the equation 
}
)(I
)(I
log])(E)[(E
RT
0.434nFantilog{][Lβ(X)F
cp
sp
cpsp
qy
1q0 +−== ∑ −   2.10 
where at high ligand concentrations, [L–y] may be taken as [L–y]T 2.10. Using Equation , 
setting β1
F X F X Ln n n
y q( ) { ( ) } / [ ]= −− −
−
1 1β
0 to l and introducing   
        2.11 
A plot of Fn(X) vs. [L
–y] can then be used to find βn–1 as the y–intercept111
2.10
.  
 
If the stability constant values are not close to one another, Equation  can be 
partitioned according to the various ranges where each species is predominant hence 
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log log log[ ]F q Lq
y
0 1= −
−β         2.12 
A plot of logF0 against negative log of the ligand concentration yields a line that slopes 
upwards in a stepwise fashion as q increases; the y–intercept of each slope gives the 
respective logβ1q value.  
 
In differential pulse polarography (DPP), reversibility is indicated by the symmetry of 
the measured peaks. Quantitatively, this is measured by the full width at half maximum 
height (FWHM) of the polarographic peaks. For experiments using a pulse amplitude of 
30mV with a cation charge of +2, the theoretical FWHM for a reversible system is 
expected to be 51.6mV112
 
. 
Experimental Procedure 
Analyte and titrant stock solutions were prepared in a similar way to solutions used for 
the spectrophotometric experiments. Three types of titrations containing [Pb(II)]T = 
9µM  were performed involving (a) 0.01M H+ (I = 1M (NaClO4)) solutions with 1M 
OH– solutions (I = 1M), (b) aliquots of 1M OH– with 1M H+ solutions (I ≈ 0.5M) and 
(c) a 0.01M H+ (I = 5M NaClO4) with a 5M OH– solution (I = 5M). In addition, data 
were also collected by the titration of 5M NaOH with small quantities of 5M HClO4 (I ≈ 
5M). About 25mL of titrand was used for each titration. Measurements were made on a 
Metrohm Polarecord E 506 using a double wall thermostated cell maintained at 25.0 ± 
0.05oC (NIST–traceable) with a water circulator–thermostat (Haake N3B, Germany) 
coupled to a cooler unit (Grant Instruments, cc20 chiller unit, UK). The cooler unit was 
calibrated with a mercury thermometer (± 0.05 oC). Solutions were stirred with a PTFE–
coated magnetic bar driven by a magnetic rotor (Metrohm, type E402, Swiss) mounted 
below the cell. A potential pulse of 30mV and drop time of 0.4s were used throughout. 
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Potentials were measured relative to a Ag/AgCl reference electrode in conjunction with 
a salt bridge containing 1 or 5M NaClO4. Compensation for ohmic losses was achieved 
by the usual three–electrode system, with a platinum wire as the auxiliary electrode. All 
titrations were performed under N2. Titrant was added using a piston burette (Metrohm 
Dosimat, Model 665, ± 0.1%) with a 5mL burette top. Hydroxide concentrations were 
calculated manually and each experiment was duplicated. 
 
Data Analysis 
All the experimental data for each of the three ionic strengths were analysed using the 
formalism described by Equation 2.11 (Fn(X) vs. –log[OH
–] plots). Stability constant 
values were determined graphically with β11
 
(Pb(OH)+) fixed at the value obtained from 
the spectrophotometric experiments.  
2.4 207
 
Theory 
Pb–NMR spectroscopy 
When subjected to a strong magnetic field Bo, nuclei with resultant spin (I) precess 
around the field lines removing the energy degeneracy between the 2J+1 nuclear spin 
states (mJ = –J, –J+1.., 0,.. J). The resonant interaction of radiation with energy given by 
EJ = –mJγhBo/2π         2.13 
where γ is the gyromagnetic ratio and mJγBo/2π the precessional frequency allows the 
chemical environment of the nuclei to be studied. In pulse FT–NMR, the perturbing 
radiation is applied in the form of a strong pulse from the same coil used to detect the 
emitted decaying electromagnetic radiation from the sample. Various relaxation 
processes, including the chemical environment of the ions, control the half–life of this 
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decaying signal.  
For 207Pb nuclei, J= ½ and hence there are two states (mJ = ½, –½) and only one signal 
peak. The position of this peak is normally measured in terms of the chemical shift 
(δ/ppm)  
δ = 106(∆ν i – ∆νref)/νo         2.14 
where ∆ν i = ν i – νo, ∆νref  = νref – νo ,νref/Hz is the precessional frequency of a 
standard, ν i  /Hz is the precessional frequency of the sample and νo /Hz is the 
instrument oscillator (operating) frequency. The latter defines the magnetic field 
strength, based on the calculated precessional frequency of 1H (in tetramethylsilane 
(TMS) or in the case of 207Pb NMR, the 207Pb nucleus in tetramethyl lead (TML)113. On 
this scale, more negative chemical shifts imply smaller precessional frequencies or 
smaller energies with respect to the standard corresponding to greater chemical 
shielding and vice versa.  
 
In speciation studies of labile systems, the timescale for the exchange of ligands is 
smaller than the precessional frequencies. Hence, instead of observing different peaks at 
the chemical shifts and intensity of the particular species present, only one signal 
comprising of the weighted average chemical shift with respect to the intensities of all 
the species is seen. The observed shift is given by  
[n]......δ[2]δ[1]δδ n21observed ++=        2.15 
where [n] is the concentration of the species present and δn
 
 the respective chemical shift 
due to each particular species.  
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Experimental Procedure 
A 1M lead perchlorate (Pb(ClO4)2) stock solution was prepared by dissolving excess 
Pb(OH)2.PbCO3(s) (BDH, UK, LR) in 2M perchloric acid (~50mL) and filtering the 
supernatant with filter paper (Whatman, UK, Grade 42). Subsequently, 4.9M NaClO4, 
4.9M NaOH stock solutions both containing 0.1M Pb(II) and 5M NaClO4, 5M NaOH 
solutions both with 0.005M Pb(II) were prepared. The exact concentration of Pb2+
2.2.7
 was 
determined (±0.2%) as described in Section . By mixing various proportions of 
stock, a range of solutions with 0.005M Pb(II), 0.05M < [OH–] < 5M and 0.1M Pb(II), 
2.5M < [OH–] < 5M were made and analysed. Aliquots of about 1mL of the test 
solutions were placed in PTFE tubes, which were then introduced into a 5mm NMR 
tube. The 207Pb NMR measurements were carried out on a Bruker Avance DPX300 
Pulse Fourier Transform NMR instrument at 25°C. Each sample was scanned 3200 
times (0.005M Pb2+, approximately 2 hours) or 320 times (0.1M Pb2+, approximately 15 
minutes). The field was adjusted to give a 1H resonance in TMS at 300MHz so that the 
single 207Pb resonance in tetramethyllead(TML) would occur at 62.76179 MHz. To 
accommodate the large changes in chemical shift, the frequency used for the acidic lead 
solutions was 62.60969 MHz with a spectral width of 9416 Hz and for the alkaline 
solutions 62.85593 MHz with a spectral width of 31446 Hz. Chemical shifts were 
reported relative to tetramethyllead by assigning a shift of –2872.7ppm to a reference 
solution made of 0.093M Pb(ClO4)2 in water without acid added (pH ~ 4)114
 
. 
Data Analysis 
The mathematical analysis of the NMR chemical shift behaviour with respect to changes 
in speciation is similar to that with UV–Vis spectra. The NMR experiments in fact can 
be treated as a spectral scan at one frequency. Hence, software like SPECFIT can be 
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used to analyse these NMR spectra to give the stability constants as well as the 
characteristic chemical shifts of the species occurring in solution. The M/L/H model was 
specified with the path length set at unity. Since [Pb(II)]T << [OH–]T, [OH–]T was set as 
ligand concentration and [H+
2.2.5
] values were excluded from the input spreadsheet. This 
was accomplished by the model switch of SPECFIT being set to 2 (speciation against 
ligand concentration) and Nc = 2. (Section ). The logβpq
 
 of all known mononuclear 
and polynuclear species were included in the model. 
2.5 Raman spectroscopy 
 
Theory 
Raman spectra are due to vibrations between different polarisation states rather than the 
different dipole moments associated with infrared absorption 115. Molecular excitation 
by the electric vector of the incident light produces Raman emissions with definite 
frequencies.  Although two complete sets of lines (Stokes and anti–Stokes) are observed 
in the Raman spectrum, usually only the more intense Stokes lines are analysed. The 
number of Raman lines observed is dependent on the number of transition modes of the 
molecule (or complex), its symmetry and the force constants between the bonded nuclei. 
If there are no degeneracies caused by other transition modes (e.g. Fermi resonance) the 
number of Raman active absorption bands depend on the symmetry of the molecule or 
ions. Furthermore, strongly polarised Raman emissions come only from the fully 
symmetric stretching modes, belonging to the A1g symmetry term.  
 
Raman spectra have a number of advantages over the corresponding IR spectra. In 
particular, Raman spectra are often less cluttered and have flatter baselines. Raman 
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spectra in aqueous solutions also show very little interference due to water. On the other 
hand Raman spectroscopy is not very sensitive and usually requires the presence of high 
concentrations of the active solvated species typically > 0.1M. 
Experimental procedure 
Freshly prepared basic lead nitrate, basic lead carbonate, hydrated lead oxide (white 
oxide) and yellow PbO (BDH, Massicot) were individually added to 7M NaOH solution 
until saturation was reached. These mixtures were then allowed to stand for a few days 
in airtight containers and the supernatant test solutions drawn off with Pasteur pipettes 
for analysis. Analysis for lead was performed by inductively–coupled plasma atomic 
emission spectroscopy (ICPAES). Approximately 0.5mL of the test solution in a short 
5mm NMR tube was placed in the sample holder of a Nicolet Magna–IR 850 (Series II) 
spectrometer with the Fourier transform Raman module. Coherent radiation at 1056nm 
was generated by a 1.5W YVO4 laser; with a calcium fluoride beamsplitter and an 
indium gallium arsenide detector (resolution = 4cm–1). Subsequent signal processing 
and recording of the spectra (typically 16384 scans) was carried out using the Windows 
based Ohmic software, which could also subtract the emission bands from the 
background sodium hydroxide solutions.  
A ISA Labram 1B dispersive Raman spectrometer with excitation from an Ar+ laser at 
514nm with a nickel polariser, 1800 groove/mm grating, ¼ wave plate polarised light 
analyser was used to identify the polarised Raman emissions from a 5M OH– solution 
saturated with massicot (PbO). This instrument utilised a Peltier cooled CCD detector 
with a resolution of 1.3cm–1
 
. 
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2.6 UV–Vis spectrophotometric results 
 
2.6.1 Background solutions  
 
Significant absorption in the UV region over the entire pH range 2–13 was observed 
during a titration at I=1M (NaClO4) (Figure 2.7). At low pH values, the absorbance was 
only significant at very short wavelengths (< 210nm) whereas, at higher pH, the 
absorbance increased markedly with shifts to longer wavelengths. This effect is believed 
to be due to the absorption associated with NaOH. There may also be a small 
contribution from CO32-
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, which may also absorb over this region. However, tests on this 
were inconclusive. 
 
Figure 2.7 Series of spectra obtained for I = 1M(NaClO4) solutions at 2 ≤ pH ≤ 13. 
Spectra were recorded against water. 
 
2.6.2 UV–Vis spectrophotometry of the Pb2+
 
A typical series of spectra obtained for a 9µM Pb(II) solution in I = 1M(NaClO4) at 2 ≤ 
pH ≤ 13 is shown in 
 solutions  
Figure 2.8. In spite of the considerable overlap with the background 
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at short wavelengths, a comparison of these curves with those in Figure 2.7 clearly 
shows the presence of Pb(II). With background subtraction, significant reproducible 
spectral changes (including the appearance of isosbestic points) could be seen over the 
range 216 ≤ λ ≤ 270nm as the pH was raised (Figure 2.9). Importantly, no changes were 
seen in the spectra of solutions (pH ~ 11) kept for days indicating the spectra were 
independent of time and the near–zero absorbance at longer wavelengths showed that 
the solutions were truly homogeneous. Data at shorter wavelengths (λ < 216nm when 2 
< pH < 10.8 and λ < 232nm when 10.8 < pH < 12.6) were omitted from the analysis 
because the background contribution was too large to permit reliable subtraction. These 
subtraction errors are seen as the rather sudden suppression of absorbances at low 
wavelengths especially at high pH.  
 
Only two isosbestic points are clearly visible at 220 and 232nm (Figure 2.9). Other 
isosbestic points can be inferred but are difficult to observe visually because of 
overlapping equilibria. The likely locations of these points are shown in Figure 2.10, 
which contain a selection of spectra observed in a given experimental run. Visual 
inspection of these spectra (Figure 2.10) suggested the presence of five species 
including Pb2+, under the conditions of [Pb(II)]T
2.2.5
 and pH studied. Similar results were 
also obtained by factor analysis using the SPECFIT program (Section ). Up to 
moderate OH– concentrations (pH ≤ 10.8), the SPECFIT analysis of the absorbances 
from 216 to 300nm found evidence only for the formation of Pb2+, Pb(OH)+, Pb(OH)20 
and Pb(OH)3–. The fifth species (Pb(OH)42–) could only be detected at higher pH values 
(10.8 < pH < 12.6). Spectra (not included in the analysis) obtained for 0.25 ≤ [OH–
Figure 2.11
] ≤ 
5M, where higher order complexes might be expected to form, exhibited only a single 
gaussian–shaped band ( ) within the limits of experimental and, more 
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importantly, background subtraction errors. In other words, UV–Visible spectra at very 
high [OH–] provide no evidence for species other than Pb(OH)42–
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Figure 2.8 Absorption spectra of 9.0µM Pb(ClO4)2 at I = 1M (NaClO4
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) with 2 ≤ pH 
≤ 13. Spectra recorded against water. 
 
Figure 2.9 Absorption spectra of 9.0µM Pb(ClO4)2 at I = 1M(NaClO4) with 2 ≤ pH 
≤ 13. Spectra recorded against I = 1M (NaClO4) solutions interpolated exactly at the 
same pH values. 
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Figure 2.10 Absorption spectra of 9.0µM Pb(ClO4)2 from another experiment at I = 
1M(NaClO4
-0.05
0.00
0.05
0.10
0.15
0.20
0.25
0.30
0.35
0.40
0.45
230 240 250 260 270 280 290 300
wavelength /nm
ab
so
rb
an
ce
 
0.30
0.32
0.48
0.70
1.23
1.58
2.12
2.58
5.00
[OH-]
) and 2 ≤ pH ≤ 13 with background subtraction at different pH values to 
distinguish the possible isosbestic points at 220, 223, 234 and 232nm. 
 
Figure 2.11 Absorption spectra (not included in the analysis) of 8.0µM Pb(ClO4)2 at 
I = 5M (NaClO4, NaOH) with [OH–] > 0.25M. Spectra recorded against I = 5M 
(NaClO4, NaOH) solutions at exactly the same [OH–]. Note that the systematic decrease 
in absorbance is caused by background subtraction errors. 
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The validity of this five mononuclear species model was tested in various ways. 
Inclusion of fewer than five species resulted in a much poorer agreement between the 
experimental and calculated absorbances and the disappearance of the isosbestic points 
(Figure 2.10). The inclusion of more than five species produced unrealistic spectra for 
the additional species i.e. having very large or negative absorptivities, duplication of the 
spectrum of an already–accepted species or calculation failure. Particular attention was 
paid to the species Pb3(OH)42+ because this appeared to have been well established by 
potentiometric measurements. On the basis of the published constants, this species 
should be present at significant levels even at Pb(II) = 10µM (Figure 2.1). 
Optimisations, which included this species and other possible polynuclear species either 
failed to converge or gave an unrealistic absorption spectrum. Under the conditions of 
the present study there was no significant formation of any Pb(II)/OH–  species other 
than the mononuclear Pb(OH)q(2–q)
Table 2–2
(aq) with q ≤ 4.  
 
 summarises the results of all the experiments obtained from the optimisation 
using this five–species model. Using the average of each stability constant so obtained, 
the respective speciation diagram (Figure 2.12) was constructed. The uncertainties in 
the constants were rather large in comparison with what might be expected. However, 
the following difficulties had to be taken into consideration:   
a. Although the long path–length cell improved the sensitivity (enabling 
measurements to be made at concentrations below the solubility limit), the signal–to–
noise ratio deteriorates (slightly).   
b. The very low solubility of Pb(OH)2(s) meant that, even when using the long 
path length cell, extremely low Pb(II) concentrations had to be used in order to keep the 
solutions homogenous. At such low concentrations, buffering was weak making precise 
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measurement of pH in the important mid–range (say 5 ≤ pH ≤ 9) difficult; this 
introduced considerable uncertainty.  
c. Much of the significant absorption by the Pb(II) species occurred at short 
wavelengths where reliable measurements are difficult due both to instrumental 
limitations and to increased light scattering by dust etc.. At higher pH values, where the 
Pb(II) species absorption shifted to longer wavelengths, there is an increased 
contribution from the background.  
d. At such low Pb(II) concentrations, systematic errors in concentration are also 
more of a problem, for example due to possible adsorption of the Pb(II) and its 
hydrolysis products onto the surfaces of the glassware which according to literature116 
was found to be ~ 2% at [Pb(II)]T = 10µM.  
Given these difficulties, the uncertainties in the formation constants seem reasonable. 
They are in any case similar to those reported in the potentiometric studies of Carell and 
Olin and Ferri et al.. In this context it is noteworthy that the deliberate addition of up to 
50µM of carbonate (at pH ~ 10) did not produce any significant change in the spectra. 
Such a concentration is well above the level of CO2 contamination, which might be 
expected with the present experimental procedures (see Section 2.2.1). This implies that 
under these conditions the formation of lead(II)–carbonate complexes is insignificant 
compared to the effects of hydrolysis.   
 
From the spectral analysis of the various experiments, the average absorptivities at the 
recorded wavelengths were calculated and summarised (Figure 2.13). Pb2+
Table 2–3
 forms one 
charge–transfer band with a distinct peak at 210nm ( ). For Pb(OH)+, a broad 
absorption band is seen possibly indicating the existence of unresolved peaks whilst 
Pb(OH)42– has one distinct absorption band with the maximum at 241nm. 
Table 2–2 Formation constants (± ‘internal’ standard deviations) derived from the SPECFIT analysis of UV–Vis spectrophotometric data in the 
present work. 
[Pb2+]T Wavelength range/nm µM 
I = 1M 
pH range log*β log*β11 log*β12 log*β13 σ(abs) 14 
×10
Σ(squares) 
–3 ×10
5 
–3 
216–300 1.9–10.6 –6.69±0.03 –15.14±0.06 –25.58±0.15  1.5 2.2 
5 216–300 2.0–10.4 –7.11±0.05 –15.74±0.01 –25.96±0.10  2.4 3.0 
8 216–300 1.9–10.4 –6.65±0.03 –15.62±0.06 –26.17±0.27  4.1 34 
9 216–300 2.0–10.3 –7.56±0.02 –16.51±0.06 –27.02±0.39  4.9 120 
9 216–300 2.0–10.3 –7.49±0.01 –16.47±0.03 –26.75±0.05  3.0 45 
9 216–300 2.0–10.7 –7.24±0.01 –16.44±0.07 –26.81±0.20  5.7 75 
10 216–300 1.9–10.6 –7.25±0.04 –16.17±0.09 –26.76±0.25  2.5 5.1 
10 216–300 1.9–10.6 –7.27±0.05 –16.01±0.06 –25.85±0.11  3.2 8.0 
8 232–300 10.9–12.6    –38.54±0.10 1.3 0.88 
9 232–300 1.9–12.3    –38.00±0.14 3.6 26 
9 232–300 10.0–12.4    –37.84±0.02 0.97 0.95 
9 232–300 10.4–12.3    –38.24±0.06 0.92 0.35 
         
 Average log*β  pq –7.16±0.33 –16.14±0.49b –26.47±0.54b –38.02±0.31b  b  
 (logβpq)  a (6.61) (11.40) (14.84) (17.06)   
I = 5M         
8 216–300 1.9–11.3 –6.96±0.03 –16.31±0.08 –27.50±0.27  3.3 2.3 
9 216–300 1.9–10.8 –7.52±0.02 –16.08±0.5 –26.16±0.08  2.9 2.1 
8 232–300 1.9–12.4   –27.11±0.23 –39.22±0.27 7.9 6.7 
9 232–300 1.9–12.5   –26.17±0.03 –38.13±0.06 2.0 9.9 
9 232–300 2.0–7.1 –7.14±0.10    2.3 7.3 
         
 Average log*β  pq –7.21±0.29 –16.19±0.17b –26.73±0.68b –38.67±0.77b  b  
 (logβpq)  a (7.56) (13.35) (17.58) (20.41)   
a Formation constants of Pb(OH)n(2–n)+ 1.8complexes as defined in the log of Equation  (logβpq 13, page ); b Uncertainties expressed as the standard deviation of the average 
log*βpq values. 
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Figure 2.12 Percentage distribution of the different Pb(II) species as a function of pH at 
[Pb2+
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Figure 2.13 Averaged spectra of the various Pb(II) hydroxide species detected at 
[Pb(II)]T
 
 ≤ 10µM (I = 1M NaClO4). 
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Table 2–3 Summary of characteristic peaks found in the spectra of the various lead 
hydroxide species. 
Species λmax Estimated ε /nm max /103M–1cm
Pb
–1 
210 2+ 11.8 
Pb(OH)2 227 (shoulder) 0 2.8 
Pb(OH)3 239 – 2.5 
Pb(OH)4 241 2– 3.4 
 
 
2.7 Differential pulse polarographic results 
 
The measured full widths of the peaks at half maximum (FWHM) for all the polarograms 
were 51.5± 1.5mV (Table 2–5, theoretical value = 51.5mV), establishing Nernstian 
behaviour throughout. Since reasonably high [OH–]T were used for these experiments, it 
was impossible to estimate β11
2.11
. Accordingly, this value was fixed using the result from the 
spectrophotometric study for the calculation (Equation ) of the remaining constants 
(Table 2–4). Changing β11 by an order of magnitude did not significantly alter the derived 
β1q values using the data up to moderate [OH–]T
Figure 2.14
 ≥ 0.001M.   
 
According to the formation function plot of the data obtained ( ) no higher order 
mononuclear complexes q > 3 were detected as this required the curve to have a slope > 3 
at high [OH–]T Table 2–5. Instead, ( , Figure 2.14) the opposite effect was observed with the 
slope decreasing with increasing [OH–]T. Similar observations were made by Lingane and 
Vleck. Lingane cited that a probable cause was “an appreciable liquid–junction potential 
between the strongly alkaline cell solution and the saturated KCl solution in the calomel 
reference electrode”. This effect was given a different explanation by Van Vleck who 
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attributed the changes to a dehydration effect of the lead ion itself at high [OH–
75
]. This was 
justified by a comparison with the thallium (I) hydroxide system at very high pH, which 
shows similar behaviour. For this system an opposite trend of increasing potential values 
with respect to increase in pH was reported . The deviation from theory seen in the 
polarographic data probably arises from a change, of unknown origin, occurring on the 
electrode surface. This effect may thus not be representing the speciation in the bulk of the 
solution or it could be a result of a particular property exhibited by a new species. Thus the 
use of the polarographic data for the determination of Pb(II) formation constants at high 
[OH–] proved unuseful. This also means that the derived β13 value (relevant to lower pH) 
could be slightly erroneous (since it would also be affected by the abovementioned 
problems albeit to a lesser degree). Notwithstanding these difficulties, it is noteworthy that 
the speciation model and the values of β12 and β13
Table 2–4
 calculated from these polarographic 
experiments ( ) compare well with the literature, (Table 2–1). Moreover, 
potentiometry, the other report in literature for solution at high [OH–]T was also restricted 
by a similar deviation from linearity.  
 
Table 2–4 Results of the formation constants derived from the polarographic 
experiments calculated using the respective pKw value. Values in parentheses are the 
formation constants as defined in Equation 1.14. 
Ionic strength /M log*β σ( logβ12 12 log*β) σ( logβ13 13
0.5 
) 
  –28.01  
   (13.00) 0.05 
1 –16.36  –28.13  
 (11.18) 0.1 (13.18) 0.05 
5 –16.76  –29.78  
 (12.78) 0.2 (14.53) 0.05 
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Table 2–5 Representative results of the polarographic experiments. 
–log[OH– –Ep/V ] ip/A×10 FWHM/mV –7 (Ep)s–(Ep)c log[(i/V p)s/(ip)c log(F
] 
0
I = 0.5M 
) 
Expt 1      
11.7 0.4884 3.05 51    
2.00 0.682 1.45 51 0.1936 0.322 6.87 
1.85 0.7066 2.25 51 0.2182 0.131 7.51 
1.69 0.723 2.55 51 0.2346 0.077 8.01 
1.51 0.735 2.75 50 0.2466 0.044 8.38 
1.30 0.7522 2.73 53 0.2638 0.048 8.97 
1.15 0.767 2.76 50 0.2786 0.042 9.46 
1.00 0.7816 2.78 50 0.2932 0.040 9.95 
I = 1M Expt 1      
11.8 0.4834 5.71 52    
3.00 0.6297 1.52 52 0.1463 0.575 5.52 
2.70 0.6461 2.35 53 0.1627 0.385 5.89 
2.53 0.6567 2.80 52 0.1733 0.309 6.17 
2.31 0.673 3.35 50.5 0.1896 0.231 6.64 
2.01 0.6962 3.85 51 0.2128 0.171 7.37 
1.54 0.736 4.40 52 0.2526 0.113 8.65 
1.33 0.7545 4.55 52 0.2711 0.098 9.26 
1.05 0.7775 4.55 50 0.2941 0.098 10.04 
0.78 0.7985 4.60 50 0.3151 0.094 10.75 
0.43 0.8242 4.68 50 0.3408 0.087 11.61 
I = 5M Expt 1      
12.8 0.4170 1.67 0.51    
1.86 0.6850 1.39 55 0.2680 0.079 9.14 
1.70 0.6972 1.46 54 0.2802 0.058 9.53 
1.53 0.7107 1.46 54 0.2937 0.059 9.99 
1.35 0.7259 1.50 53 0.3089 0.045 10.49 
1.16 0.7422 1.52 52 0.3252 0.041 11.03 
1.01 0.7555 1.52 52 0.3385 0.041 11.49 
0.84 0.7708 1.53 52 0.3538 0.037 12.00 
0.69 0.7829 1.53 52 0.3659 0.037 12.41 
0.49 0.8008 1.52 52 0.3838 0.041 13.01 
0.35 0.8112 1.50 52 0.3942 0.045 13.37 
0.17 0.8265 1.50 52 0.4095 0.045 13.89 
–0.06 0.8435 1.46 52.5 0.4265 0.059 14.48 
–0.15 0.8505 1.44 52.5 0.4335 0.063 14.72 
I = 5M Expt 2      
12.8 0.4162 1.67 0.53    
1.05 0.7515 1.47 53 0.3353 0.056 11.39 
0.74 0.7798 1.49 53 0.3636 0.051 12.34 
0.44 0.8038 1.51 52 0.3876 0.044 13.15 
0.08 0.8327 1.51 53 0.4165 0.045 14.13 
–0.22 0.8566 1.50 53 0.4404 0.047 14.94 
–0.35 0.8617 1.50 53 0.4455 0.047 15.11 
I = 5M Expt 3      
12.8 0.4162 3.68 50    
–0.63 0.878 3.48 50 0.4618 0.024 15.64 
–0.70 0.878 3.26 50 0.4618 0.053 15.66 
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Figure 2.14 Plot of –log[OH–] against log(F0) for all experiments at I = 0.5, 1 and 5M 
(NaClO4), [Pb(II)]T = 9µM. The slopes of the curves at different ranges give q and the 
respective y intercept, the logβ1q
 
 value. 
2.8 207
 
Very large chemical shifts (~ 3940 ppm, 
Pb–NMR measurements 
Table 2–6) were observed in the 207Pb(II)–NMR 
spectrum as a result of changes in pH. Under acidic conditions (pH < 5.1), where only Pb2+ 
is expected, changes in ionic strength (i.e. of NaClO4 Table 2–6 concentration, ) gave rise 
to chemical shifts of the order of 70ppm. This is a characteristic of 207Pb(II)–NMR spectra 
that are sensitive not only to complexation but also to the solution environment117. For 
solutions at [OH–]≤0.3M, erratic broadening of the linewidth occurred (especially just 
before ‘Pb(OH)2’ precipitation) which made it difficult to locate the peak at low [Pb2+]T. 
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This broadening could be due to interferences from the incipient formation of 
PbO.xH2O(s) or to the formation of polynuclear species118, even though visual inspection 
of the solutions showed no precipitation during the experiment and for at least a week 
thereafter. The linearity of the integrated intensities with [Pb(II)]T
Table 2–6
 showed that there was 
no loss of lead signal, confirming that the species formed under these conditions were 
labile and that the chemical shifts were the weighted average of all the species present 
( ). 
 
Table 2–6 Results of the 207
[Pb2+]
Pb NMR experiments. 
Ionic 
Strength/M 
T –
log[H+]
Chemical 
shift/ppm T 
Integrated intensity/ 
arbitrary units 
Peak height 
/arbitrary 
units 
peak width at 
half maximum 
/Hz 
0.1 0.1 5.06 –2872.7 7.8 10 2.51 
0.1 0.1 1.52 –2872.2 7.4 9.9 2.51 
0.1 5.1 2.82 –2812.0 7.8 7.9 5.02 
0.005 5.0 2.20 –2813.9 6.1 9.6 5.52 
  [OH–]  T    
0.1 2.5 2.45 1063.4 7.4 10 6.28 
0.1 5.1 2.45 1055.5 7.5 7.9 7.53 
0.1 5.1 3.67 1060.6 7.8 8.1 8.03 
0.1 5.1 4.29 1062.5 8.2 8 8.79 
0.1 5.1 4.59 1063.3 7.9 8 7.53 
0.1 5.1 4.90 1063.9 7.7 8 7.53 
       
0.005 5.0 0.07 1038.7 7.6 8.5 20.08 
0.005 5.0 0.15 1043.5 7.5 12.7 7.53 
0.005 5.0 0.19 1044.4 6.1 12.5 12.55 
0.005 5.0 0.31 1045.3 6.9 11.6 7.03 
0.005 5.0 0.62 1047.5 6.5 10.7 7.53 
0.005 5.0 1.24 1051.3 6.3 10.2 5.02 
0.005 5.0 2.49 1057.7 6.6 10.4 7.53 
0.005 5.0 3.74 1062.9 7.1 10.5 7.53 
0.005 5.0 4.37 1064.9 7.0 11.3 7.53 
0.005 5.0 5.00 1066.3 6.4 11 6.28 
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Figure 2.15 Effect of the total hydroxide concentration on the observed chemical shift δ 
(207Pb(II)) with [Pb(II)] = 0.1M and 0.005M at I = 5M (NaClO4
 
). 
The variation in the chemical shift with respect to log[OH–
Figure 2.15
] shows one inflection point 
( ). This indicates that there are two changes in the δ–207Pb–against–log[OH–] 
gradient implying the presence of at most three species over the [OH–] range studied. As 
noted above, non–speciation changes in the chemical environment of 207Pb could also 
cause changes in the chemical shifts. This means that, the large replacement of NaClO4 
with NaOH required to achieve high [OH–]T (at constant I) precluded the use of the results 
when [OH–]≥0.62M (~10% change). It was also difficult to measure the [OH–] accurately 
using a glass electrode, at high [OH–]T Figure 2.16 as illustrated in . Figure 2.16 shows that 
the glass electrode cannot be reliably used to measure [OH–
Figure 2.16
] at very high pH values 
(compare curves (a) and (b), ). This is because of the well known ‘alkaline 
error’ (which in fact is largely Na+ interference)119. Accordingly, the data had to be 
analysed in terms of [OH–]T which is satisfactory because [Pb(II)]T << [OH–]T and thus 
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[OH–] ≈ [OH–]T Figure 2.16. It is interesting to note that  shows a shift of ~0.02M in [OH–
]T
Figure 2.16
 between the hydroxide–only solution and that containing 0.005M Pb(II) (compare 
curves (b) and (c) in ). This is consistent with ~4 moles of OH– being combined 
with 1 mole of Pb(II) in solutions with [OH–]T
 
 > 0.05M. 
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Figure 2.16 Graph of [OH–]T against [OH–] obtained from the potential difference at 
25°C between a glass and a Ag/AgCl reference electrode with a salt bridge of 5M NaClO4
 
 
for two solutions one containing NaOH only and another with NaOH and 0.005M Pb(II). 
Excluding the data at [OH–]T Figure 2.15 > 0.62M,  indicates the presence of at most two 
species (Figure 2.17). With no literature values for logβpq at I= 5M; the small [OH]T range 
studied and doubts about the validity of the speciation described in the literature; it was 
difficult to decide on a particular model to fit these data (This was despite the data at I = 1 
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and 3M where the log*βpq values appear to be little influenced by I). Most of the available 
literature logβpq values at high [OH–]T were obtained by polarography. Thus, it was 
thought that these NMR results might be able to decide between earlier findings (a) from 
polarography (which suggests Pb(OH)3– is the highest order complex, a conclusion 
hereinafter referred to as the biplumbite model) and (b) spectrophotometry (subsequently 
called the plumbite model, which includes the formation of Pb(OH)42–). Unfortunately, 
equally reasonable fits of the 207 Figure 
2.17
Pb NMR data were obtained using both models (
, Table 2–7). The dependence of the NMR data on the possible presence of polynuclear 
species reported in the literature was also checked. When the respective stability constants 
of these polynuclear species were increased or decreased by 5 orders of magnitude, no 
changes were seen in the quality of the fit. It is noteworthy that although the 207Pb NMR 
results were consistent with the biplumbite model they implied a solubility of Pb(II) at 
[OH–
Figure 2.19
] = 0.07M which is considerably in excess of the known solubility of Pb(II) under 
these conditions ( )69. This problem did not arise with the plumbite model 
(Figure 2.20). However, no definitive conclusion can be drawn because the presence of 
unestablished polynuclear species could not be excluded. 
  
Considering all the 207Pb(II)–NMR data at [Pb(II)]T = 0.005M and 0.007 ≤ [OH–] ≤ 5M, a 
higher order mononuclear species Pb(OH)53– (using the plumbite model) is necessary to 
accommodate the changes in chemical shift at 0.5 ≤ [OH– Figure 2.18] ( ). The chemical 
shifts calculated using this model were δ13(Pb(OH)3–) = 790.9, δ14(Pb(OH)42–) = 1045.2 
and δ15(Pb(OH)53–) = 1117.6 with logK15 1.15 = –1.06 (Equation ). At [Pb(II)]T = 0.1M, 
the lower limit of [OH–] was restricted by precipitation of ‘lead hydroxide’; however, the 
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207Pb NMR data at 2.5 ≤ [OH–] ≤ 5M were consistent with a two species model. 
Unfortunately, because of the limited accessible [OH–] range, the stoichiometries of these 
complexes could not be determined. On the other hand, the values of δ1q(Pb(OH)q2–q) = 
1029 and δ1q+1(Pb(OH)q+11–q) = 1080 with logK1q+1 = –0.35 are broadly consistent with the 
formation of Pb(OH)42– and Pb(OH)53– derived earlier at [Pb(II)]T = 0.005M over the 
wider accessible [OH–] range. 
 
It must be noted that the K15 and logK1(q+1) values are smaller than the association constant 
of NaOH (logβ11 = –0.2 (I = 0M) ). Thus, this observed small change could be due to 
‘environmental effects’ on the NMR chemical shift referred to earlier in this section rather 
than to any change in chemical speciation. The sensitivity of δ(207Pb) to the chemical 
environment may be reflecting an outer sphere change such as   
[Pb(OH)3– or Pb(OH)42–].ClO4–+ OH–   [Pb(OH)3– or Pb(OH)42–].OH– + ClO4–
 
 2.16 
Table 2–7 Results of the 207Pb–NMR analysis using SPECFIT. logβ1 n
Model name 
 values used for 
the biplumbite and plumbite models were derived from the polarographic and the 
spectrophotometric experiments respectively. 
Significant 
species at high 
[OH–]
logβ
T 
1n Resultant chemical shift 
δ
 used in the model 
Biplumbite 
1n 
Pb(OH)2 12.78 0 1006.7 
 Pb(OH)3 14.53 – 1048.4 
    
Plumbite Pb(OH)3 17.67 – 685.5 
 Pb(OH)4 20.53 2– 1047.4 
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Figure 2.17 Results of the fitting of 207Pb NMR data at [OH–] < 0.62M, with β1q
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Figure 2.18 Results of the fitting of all 207Pb NMR data. 
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Figure 2.19 Speciation diagram obtained from fitting of 207Pb NMR data at [OH–
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Figure 2.20 Speciation diagram obtained from fitting of 207Pb NMR data at [OH–] < 
0.62M using the data derived from the spectrophotometric experiments (the plumbite 
model). 
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2.9 Raman spectroscopy experiments 
 
 Saturated alkaline solutions ([OH–] ≥ 5M) of basic lead nitrate, lead perchlorate, lead 
carbonate, massicot (the yellow form of lead(II) oxide, PbO) and litharge (the red form of 
lead(II) oxide, PbO) were examined. In spite of the significant absorbance of the NaOH 
solutions two distinct bands associated with the presence of Pb(II) in solution were found 
at around 418 and 1064cm–1 Figure 2.22 ( ). The band at ~418cm–1 was clearly asymmetrical 
and could be just resolved into two peaks with a peak causing the shoulder at about 377cm–
1. The intensity of the band at 418cm–1 increased linearly with [Pb(II)]T Figure 2.23 ( ). Its 
shape and position were independent of [Pb(II)]T and [OH–]T from 0.1M to 7M within 
experimental error. This implied the presence of only one mononuclear Pb(II)/OH–
2.6.2
 species, 
consistent with the spectrophotometric experiments (Section ) at much higher [Pb2+]T 
and in accord with the results of other workers. The peak at 1064cm–1 was at the same 
position with the carbonate A1g vibrational mode120 and was initially thought to be caused 
by carbonate contamination from the Pb(II) oxide (not from the NaOH(aq) since no CO32– 
could be detected in the background spectra). Further investigation with saturated solutions 
of a variety of other basic lead salts, freshly prepared lead oxide and more concentrated 
sodium hydroxide (in which the solubility of Na2CO3 is very low) gave a similar peak in 
this region with a constant ratio or area with the peak at 418cm–1. Examination of an 
alkaline sodium carbonate solution, on the other hand, gave an intense Raman peak at 
1064cm–1 Figure 2.21 with a sensitivity of ~5 intensity–units/M ( ). Hence if the Pb(II)/OH- 
peak at 1064cm-1 was caused solely by the presence of carbonate contamination, ~ 40 mol 
% of carbonate would have to have been present. This being unrealistic, it is possible to 
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conclude that the peak at 1064cm–1 was related to the Pb(II) species.  
 
Reanalysis using polarised Raman radiation showed that the bands at 1064cm–1 and ~ 
418cm–1 Figure 2.24 were strongly polarised ( ). Since polarised bands can only come from 
symmetric vibrational modes, both these bands were assigned as A1g. The more energetic 
band at 1064 cm–1
120
, probably caused by symmetric stretching (since the symmetric 
stretching band usually has the highest energy ), was approximately twice the energy of 
the most energetic A1g band assigned to Pb–O stretching in Pb4(OH)44+ 121
Table 2–8
. This is 
suggestive of the presence of a double bond in this complex. Comparing the results of 
 for all possible species present in solution at high hydroxide concentration, these 
results seem to confirm that the species in solution has the structure of the plumbite ion 
PbO22– Table 2–8 (II, ).  
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Figure 2.21 Raman spectrum of 0.4M Na2CO3(aq) made in 5M NaOH and taken against 
5M NaOH.  
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Figure 2.22 Raman spectrum of a 7M OH– solution saturated with massicot (yellow lead 
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Figure 2.23 Raman intensity (at ~ 418cm–1) plotted against [Pb(II)]T for solutions at 
various 0.1M < [OH–
Background–subtracted spectrum  
] < 7M (variable I) saturated with basic lead salts. 
   Raman spectrum  
of a 7M OH–solution 
Raman spectrum of a 7M OH– 
solution saturated with massicot 
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Designation         Possible anion structure                Estimated        Representation of            Expected
                                                                               point group     raman active                    number of 
                                                                                                     vibrational modes             bands         
I                                                                           C4v            4A1 + 2B1 + 4B2 + 5E      15
II                                                                           C2v            2A1 + B2                            3                                                                   
III                                                                          C3v            3A1 + 5E                              8         
IV                                                                         Cs              5A' + A"                                6  
V                                                                          Cs              5A' + A"                                6  
   Pb
O
O
O
O
H
HH
H
2-
Pb
OO
2-
Pb
OO
H
-
Pb
OO
H
-
HH
O
Pb
OH
-
O
Formula
Pb(OH)42-
PbO22-
Pb(OH)3-
PbO(OH)-
HPbOO-
(3A')                                  (3)
(2A1 + 2E)                           (4)
(2A1 + B1 + 2B2 + 2E)      (7)
 
Table 2–8 Possible species present at high [OH–] with assumed structure, point group 
allocation and expected Raman active vibrational modes. Terms in parentheses are the 
respective Raman active modes if the hydroxyl group (–OH) is regarded as a single 
unit.122,123 
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Figure 2.24 Raman spectra of a [NaOH] = 5M solution saturated with PbO using 
polarised radiation. For clarity the upper two spectra have been shifted by 1000 and 5000 
units respectively. The intensity at 1600cm–1–1700cm–1
 
 is mainly caused by background 
subtraction errors due to the presence of the water peak. 
2.10 Discussion 
 
2.10.1 Mononuclear complexes 
 
Agreement between the present stability constants obtained from the spectrophotometric 
experiments and those reported previously was good for log*β11 and log*β12 ,,(Table 2–1). 
However, this conformity ends for the results at the higher [OH–] range. According to the 
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present spectrophotometric results, Pb(OH)42– (or PbO22–) is the last species at [OH–] ≤ 
2.5M and [OH–]/[Pb(II)] ratios up to 106 in 5M (NaClO4) medium. This finding is in 
agreement with ultracentrifugation studies conducted by Johnson and Kraus. In contrast, 
the electroanalytical methods using lead amalgam electrodes like the differential pulse 
polarography results (Section 2.7) show behaviour that is opposite to that expected from 
the formation of Pb(OH)42–. Using potentiometry, Carell and Olin reported such changes 
above pH 12. They found that deviations caused by changing activity coefficients alone 
could not explain the results and had to introduce the possibility of hydroxide dimerization 
((OH)22–) at high pH. This somewhat implausible species has not been confirmed. 
Karnaukhov et al. using inverse chronoamperometry also encountered problems 
interpreting his results as his data showed a discontinuous response at [KOH] ≤ 0.2M. 
From potentiometric measurements at very high pH, Ferri et al. reported the presence of 
not only Pb(OH)42– but also Pb(OH)64–. In order to detect the higher order complexes, Ferri 
et al. worked at extremely high replacement levels of ClO4
– by OH–. Unlike the present 
spectrophotometric study, this meant that activity coefficient variations had to be taken into 
account. Although Ferri et al. employed the well known Pitzer approach, which is probably 
the best available for such highly concentrated solutions, the absence of many of the 
required ionic interaction parameters introduces uncertainty into their treatment and may 
account for their unusual finding that Pb(OH)42– and Pb(OH)64– occurs but not Pb(OH)54–.
  
 
The rather old solubility measurements, which detected only Pb(OH)3– , were not 
conducted at constant ionic strength (I). Given the limitations of the experimental 
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procedures available at the time, it would be difficult to rule out the existence of Pb(OH)42–
. Further evidence supporting this doubt comes from Pokric and Pucar who used the 
Tyndall effect to measure the precipitation boundary. They showed that the charge of the 
soluble species in equilibrium with the precipitate under highly alkaline conditions was –2 
(consistent with, for example, Pb(OH)42–) instead of –1 (as in Pb(OH)3–
69
) that was seen in 
the solubility results of Garrett et al. . Pokric and Pucar proposed that the –2 charge was 
associated with the formation of polynuclear species even at [Pb(II)] < 10–4M. However, an 
alternative explanation of their results is possible. If it is assumed that the –2 charge is 
associated with Pb(OH)42–
2.17
; then, using Pokric and Pucar’s solubility product and Equation 
, a value of log*β14
](OH)log[Pb
n
1K*log
n
1pH n n2qqn)(2qsp
+
−− −=
 = –38.32 can be calculated at I = 0.5M and at 20°C.  
     2.17 
This value is close to the present spectrophotometric log*β14 value of –38.02 (I = 1M, 
25°C). Finally, on theoretical grounds, a number of workers124– 126 have predicted values of 
logβ13 and log*β14 using logβ11 and logβ12
2.10.2 Polynuclear complexes 
 in good agreement with those obtained by the 
present spectrophotometric experiments.  
 
 
Although a variety of polynuclear (p > 1) complexes have been described in the literature, 
with the exception of Pb3(OH)42+, Pb4(OH)44+ and Pb6(OH)8
4+ they have not been well 
characterised and have been accorded a low status by Baes and Mesmer. These species are 
usually only ‘detected’ at higher [Pb(II)]T whereas the speciation calculations by Baes and 
Mesmer, indicate that Pb3(OH)42+ remains significant even at [Pb(II)]T Figure  ≤ 10µM (
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2.1). The calculations in Figure 2.1 were essentially based on the mononuclear and 
Pb3(OH)42+ formation constants of Carell and Olin,. Unless this species is not 
chromophoric, which seems unlikely, the current spectrophotometric data clearly show that 
Pb3(OH)42+ does not exist in significant amounts under such conditions. Specifically, the 
spectrophotometric data shows no dependence on [Pb2+]T Table 2–2 ( ) indicating the 
absence of any significant polynuclear species.  
 
Furthermore, calculations of the distribution plots using the present spectrophotometric 
values for β1q Table 2–2( ) were virtually identical (Figure 2.12) whether or not the 
polymeric species (including Pb3(OH)42+ with values taken from the literature) were 
included. This, then, also supports the view that the constants recommended by Baes and 
Mesmer over–estimate the importance of polymeric species at low [Pb2+]T by significantly 
underestimating β13 and β14.  
 
                                                                                                                                       68 
 
 
 
3. THE HYDROLYSIS OF SILVER(I), COPPER(II) AND IRON(III) 
 
3.1 Introduction 
 
The hydrolysis of Cu(II), Fe(III) and Ag(I) was studied by using, and extending, some of 
the techniques described in Chapter 2. With the exception of Ag(I), these ions are abundant 
and of considerable importance in the biosphere127. They are also believed to play a 
significant role in the degradation processes of cyanide in the environment. Fe(III) oxo–
hydroxides are the main heavy metal components of soils and interacts strongly with 
biological systems128. These compounds are the main natural binding agents for cyanide, 
forming very stable compounds that can basically retain cyanide in the environment. 
Copper(II) under oxic conditions is the most stable oxidation state of copper, which is a 
biologically essential metal129. At fairly high [Cu(II)]T
 
 and in the physiological pH range of 
6–8, copper hydrolysis occurs to a considerable extent.  
 
The solution chemistry of silver, dominated by the Ag(I) system is of technological and 
medical importance. Being a cogenor with Cu(I), its study can be helpful in understanding 
the behaviour Cu(I) hydroxide speciation. Also the simple speciation expected is useful for 
testing the experimental technique used. 
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3.1.1 The hydrolysis of silver(I) 
 
The hydrolytic behaviour of silver(I) is generally regarded as relatively simple compared to 
many other metallic ions. Silver does not form polynuclear hydroxide complexes and only 
two species, AgOH and Ag(OH)2–, appear to form in the region 9 < pH < 13. At pH > 9 
depending on [Ag(I)]T, the white hydroxide AgOH(s) (which turns brown due to the 
formation of Ag2O) starts to precipitate but it redissolves as the pH is further increased due 
to the formation of Ag(OH)2–. However, experimental difficulties at very high [OH–
Table 3–1
], 
coupled with the low solubility of AgOH, have hitherto limited the study of Ag(I) 
hydroxide speciation ( ). Moreover, many of the solubility measurements have 
had to be made with the rather ill defined Ag2O(s) (which always exists with some 
AgOH(s) and vice versa) so rather large uncertainties are inevitable (Table 3–1). Thus, of 
all these measurements, the formation constants determined by Biedermann and Sillen 
using potentiometry have been taken to be the most reliable. In the present study, UV–Vis 
spectrophotometry was used to investigate the Ag(I)/OH– system in homogenous Ag+
Table 3–1 A selection of log*β
 
solutions. 
pq
Ionic Strength(I) 
 values of the Ag(I) hydroxide system from the 
literature. 
 log*β Method pq Ref. 
 T/o Ag(OH)C Ag(OH)0 2  –  
~0 25 –11.9 –24.7a Solubility a 130
Dilute 
 
25  –24.85 Liquid Distribution 
1M NaClO
b 
25 4 –10.78 –22.85c Solubility c 
1M NaClO
b 
25 4 –11.2 –23.5 Solubility 131
3M NaClO
b 
25 4 –12.0 –24.00 Potentiometry 132
 
 
1M NaClO
 
4 25 
 
–12.1 
 
–24.1 
UV-Vis 
spectrophotometry 
This 
studyd 
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a Recalculated using the pKw 57 of 14.2 ; b Citing the data of others; c Recalculated using the 
pKw 61 of 13.77 ; d Table 3–4 see  
 
3.1.2 The hydrolysis of Copper(II) 
 
Even at fairly high concentrations, solvated light blue copper(II) ions are the only species 
present in aqueous solutions of Cu(II) up to about pH 5. At higher pH and [Cu(II)]T values 
the main hydrolysis product, Cu2(OH)22+, forms together with several minor species 
Cu(OH)+, Cu2(OH)3+ and Cu3(OH)24+ 57 etc.  up to about pH 7, when the light blue copper 
hydroxide Cu(OH)2 135(s) precipitates as a gelatinous mass . Above pH 11, copper 
hydroxide re–dissolves, forming a deep blue solution. According to Baes and Mesmer 
using solubility measurements, this can be attributed mainly to the formation of Cu(OH)3– 
and Cu(OH)42– Figure 3.1 ( ). These results are supported by Cu(II) electron spin resonance 
(ESR) studies133. However, based on UV–Vis spectrophotometric studies by Ivanov–Emin 
et al.134, Cotton and Wilkinson135 have suggested the presence of not only Cu(OH)42– but 
also higher hydroxo complexes like Cu(OH)53– and Cu(OH)64–.  
 
The calculation by Baes and Mesmer for [Cu(II)]~10µM, shows that in addition to the 
mononuclear hydroxide species, Cu2(OH)22+ Figure 
3.2
 is also formed to a significant extent (
). Such solutions appear to be supersaturated with respect to CuO136. Not surprisingly, 
agreement among independent studies concerning the formation constant of CuOH+
Table 3–2
 is only 
fair ( ) and is even worse for log*β12
Table 3–2
, which varies over almost 4 orders of 
magnitude ( ). At higher pH, little or no work has been done and hence only 
estimates for log*β13 and log*β14 exist. Since copper(II) absorbs strongly at about 
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208nm137, UV–Vis spectrophotometry could be a useful way to study its hydrolysis 
behaviour at very low [Cu(II)]T. Measurements in the visible region are also possible via 
the d–d electron transitions that occur around 800nm. Because of the relatively low 
absorptivities of the d–d electron transitions of the species formed, it was necessary to use 
a much higher [Cu(II)]T. Thus, the measurements in the visible region (λ > 300nm) at high 
[Cu(II)]T (~ 1mM) were divided into two parts: those at relatively low pH values, before 
precipitation of the sparingly soluble Cu(OH)2
Table 3–2 A selection of studies of the hydrolysis products of Cu(II) from literature. 
(s) (or CuO(s)); and those at higher pH 
values where the precipitate shows an appreciable solubility. Cu(II) ESR experiments were 
also performed to help confirm the Cu(II) species present at high hydroxide concentrations. 
Ionic Strength(I)   log*β  pq    
/M T/°C Cu(OH) Cu(OH)+ 2 Cu0 2(OH)2 Cu2+ 3(OH)4 method2
+ 
Ref a 
0 20 –7.6 –14.7   Pot. 138
0 
 
20 –7.8 –14.8   ∆G 139
0 
 
25 <–8 <–17.3   Est. 
0 
b 
20 <–8  –10.53 –21.17 Pot. 140
0.05m NaClO
 
25 4 –8.1 –16.4   Pot. 141
0.1M NaClO
 
20 4   –10.78  ? 142
0.1M NaClO
c 
25 4 –7.71  –10.75 –21.37 Pot.&Cal. 142
0.7m NaClO
 
25 4 –7.4 –14.6   Pot. 141
0.7m NaClO
c 
25 4 –8.1 –16.7   Pot. 141 
1.0m NaClO 25 4  –15   Sol. 143
3M NaClO
 
4 25 d –7.71  –11.46  Pot. 144
3M NaClO
 
25 4 –7.22  –10.75  Pot. 
 
3M NaClO 25 4   –10.6  Pot. 145
3M NaClO
 
25 4 –7.4  –10.93  Pot. 146
0.1M KNO
 e 
25 3 –7.71  –10.99 –21.62 Pot. 147
0.1M KNO
 
25 3 –7.34  –10.6  Pot. 148
0.001M NaCl 
 
25  –13.7   Pot. 149
0.1M NaCl 
 
20 –5.8 –13.7 –10.3  I.E. 150
 
 f 
       
1M NaClO 25 4 –7.7 –15.1 –10.8  UV- Vis p.w.g 
a Abreviations used are Pot. (Potentiometry), ∆G (Free Energy Calculations), Est 
(Estimates), Cal. (Calorimetry), Sol. (Solubility measurements), I.E. (Ion Exchange), UV-
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Vis (UV- Vis spectrophotmetry); b Also reported are the log*βpq estimates (from solubility 
measurements) of Cu(OH)3– (<–27.8) and Cu(OH)42– (–39.6); c Citing the data of others; d 
In D2O; e Also reported the log*βpq of Cu2(OH)3+ (–6.02); f Also reported the log*βpq of 
Cu(OH)3– (–20.4), pKw of water taken as 14.0; g
Table 3–6
 Present work; other complexes also 
reported, see  
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Figure 3.1 Speciation of the Cu(II)/OH– system at I = 1M, 25°C and [Cu]T = 0.1M 
simulated using SPECFIT according to the speciation model from Baes and Mesmer. The 
solutions are supersaturated with respect to CuO.  
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Figure 3.2 Speciation diagram of the Cu(II)/OH– system at I = 1M, 25°C and [Cu]T = 
10µM simulated using SPECFIT according to the speciation model from Baes and 
Mesmer. The solutions are supersaturated with respect to CuO .  
 
3.1.3 The hydrolysis of Iron(III) 
 
Fe(III) ions begin to hydrolyse even under quite strongly acidic conditions 151,,152. Despite 
extensive studies, the hydrolytic behaviour of iron(III) solutions at near neutral and higher 
pH values has only been partially established, 153. This is mainly due to the formation of a 
number of polynuclear species, the slow kinetics of inter–conversion between these 
complexes and the very low solubility of FeO(OH)(s) ,154,155. Speciation knowledge at 
lower Fe(III) concentrations has been restricted to the characterisation of Fe3+, FeOH2+, 
Fe2(OH)24+ and Fe(OH)2+
57
, by potentiometry and UV–Vis spectrophotometry in fairly 
acidic media , 153. The stability constants for these species are in reasonable agreement 
(Table 3–3). However, since relatively high [Fe(III)] were used in earlier studies, 
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interpretational difficulties were encountered due to the presence of polynuclear species. 
Thus, the current logβ13 value for Fe(OH)3(aq) comes from an estimate based on the 
values of logKs13 and logKs10 57 the solubility of FeO(OH) in water and acid , 153. Using this 
estimate with the solubility measurements of Fe(OH)3(s) in alkali, the stability constant of 
the fourth species was deduced. Neither of these values (β13 and β14) appears to have been 
confirmed. Furthermore, no quantitative data for the fifth and sixth (Fe(OH)52- and 
Fe(OH)63- ) species could be found although Cotton and Wilkinson report that “moderate 
concentrations of Fe(OH)63- can be maintained in strong base solution”.   
 
At [Fe(III)]T < 10 µM, no polynuclear species are expected according to Baes and Mesmer, 
but even at such low concentrations the solutions remain supersaturated with respect to 
FeO(OH). Although the rate of precipitation of FeO(OH)(s) especially over the range 4 < 
pH < 11 is relatively fast, providing experiments can be done quickly enough, and as long 
as the homogenous equilibria are faster than the heterogenous equilibria, then valid 
thermodynamic data for the homogenous equilibrium can be obtained in supersaturated 
solutions. Appropriate tests using UV-Vis spectrophotometry indicated that the strong 
ligand-to-metal charge transfer absorption band around 300nm of Fe3+ was sensitive to 
changes in speciation156
 
. Such changes in the spectra were also found to be reproducible 
and reversible.   
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Table 3–3 Selection of stability values (log*β values) from previous investigations of 
the Fe(III)/OH–
Ionic strength (I)
 system  
 a log*β  pq method Ref b 
/M Fe(OH) Fe(OH)2+ 2 Fe+ 2(OH)2  4+  
0.25 (NaClO4 –2.66 )  –2.75 UV–Vis  157
0.5 (NaClO
 
4 –2.72 )   ? 
1 (NaClO
c 
4 –2.79 )   Pot. 
1 (NaClO
153 
4 –2.79 )  –2.72 UV–Vis  158
1 (NaClO
 
4 –2.64 ) –5.85 –2.65 Pot. 159
1 
 
–2.77 –6.42d –2.63d Est. d 
 
3.0 (NaClO4 –3.05 ) –6.3 –2.91 Pot. 160
3.0 (NaClO
 
4 –3.05 ) –6.31 –2.96 Pot. 
 
c 
     
0.5 (NaClO4 –2.9 ) –6.8  UV- Vis p.w.
1 (NaClO
e 
4 –2.7 ) –7.0  UV-Vis p.w.e 
a All values refer to 25°C; b Abreviations: UV–Vis. (UV–Vis Spectrophotometry), Pot. 
(Potentiometry), Est (Estimate); c Citing the data of others; d Also reported are the log*βpq 
estimates (from solubility measurements) of Fe(OH)30 (–12.6) and Fe(OH)4– (–21.95); e
Table 3–8
 
Present work; other complexes also reported, see  
 
3.2 Experimental 
 
3.2.1 Ag(I) spectrophotometry 
 
Silver perchlorate stock solutions (~0.01M) were prepared by dissolving AgClO4 (BDH, 
UK, LR 98%) in Millipore water and were stored in brown bottles. The exact concentration 
of Ag+ was determined (±0.2%) by titrating with EDTA (BDH, UK, Concentrated 
Volumetric Standard) after the addition of excess potassium tetracyanonickelate(II) in the 
presence of an ammonia–ammonium chloride buffer. Murexide, which detects the 
displaced nickel(II) ions, was used as the indicator. Subsequently, solutions of 0.01M 
HClO4, 0.99M NaClO4 (I = 1M) or 1M NaClO4 with several different silver 
                                                                                                                                       76 
 
 
concentrations (11, 18, 25, 28, 32 and 50µM) were prepared. These solutions were titrated 
against 1M NaOH solutions with or without the respective concentrations of silver(I). UV–
Vis spectrophotometric experiments were conducted as described for the Pb(II) 
experiments in Section 2.2.7. All spectra were recorded immediately after solution 
preparation to minimise the photodecomposition of Ag+
 
. The spectral region of 230–
700nm was included in the analysis. The solutions were checked visually for turbidity to 
ensure homogeneity during the course of the experiments. 
3.2.2 Cu(II) spectrophotometry 
 
Solid Cu(ClO4)2 (Aldrich, 98%) was used to prepare stock solutions of Cu(ClO4)2 (~ 
0.08M). The exact concentration of Cu2+ was determined (±0.2%) by titrimetric analysis 
using 0.01M ETDA (BDH, Concentrated Volumetric standard solutions, UK) in solutions 
buffered with ammonia, with fast sulphon black (purple to dark green) as the end–point 
indicator. Solution preparation was as described for the Pb(II) and Ag(I) experiments 
(Sections 2.2.7 and 3.2.1 respectively). To improve background subtraction, two spectral 
regions were used in evaluating the data : 216–550nm for 2 < pH < 11.6 and 240–550nm 
for 11.6 < pH < 13. Measurements were performed using the 10.76cm spectrophotometric 
titration cell with titrands and occasionally titrants containing ~ 50µM and ~ 25µM Cu(II). 
 
Two further sets of spectrophotometric titrations were also carried out at [Cu]T = 1–5 mM 
using the 10.76cm cell. First, a 1M NaOH solution was titrated into a solution containing 
copper(II) (~ 5mM) with I=1M (NaClO4) at its natural pH (~ 5). Secondly, a small quantity 
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of 1M HClO4 was titrated into a solution containing 1mM of Cu(II) and 1M NaOH. The 
purpose of these measurements was to examine metal ion concentrations approaching the 
precipitation of Cu(OH)2(s) between pH 6 to 13 from both sides of the pH range. For these 
experiments the spectral range studied was from 820nm to 300nm, i.e. covering the Cu2+
Figure 2.5
 
d–d electron transition bands. Since the background spectrum did not vary with pH and 
was the same as that of water for λ > 300nm ( ), the latter was used for 
background subtraction. At very high pH values (pH > 13), [H+] was calculated manually 
from the stoichiometric quantities of acid added to the sodium hydroxide Cu(II) containing 
solution. This was possible because [Cu(II)]T << [OH–] and the pKw of water could be 
taken as 13.77 (I = 1M NaClO4).  
 
3.2.3 Cu(II) electron spin resonance spectroscopy 
 
Theory 
In electron spin resonance spectroscopy (ESR), the recorded spectrum is the first derivative 
of the absorption of radiation due to transitions between electron spin energy (Ei) levels in 
atoms with unpaired electrons subjected to a static magnetic field161. In continuous wave 
ESR, test solutions in a quartz cell are irradiated with a continuous microwave beam from a 
Klystron (typically in the X–band region: 8.5 to 12.4 GHz) and subjected to a 
perpendicularly directed linearly varying magnetic field with a superimposed modulated 
magnetic field. The modulated microwave signal is then detected and recorded162.  
 
Chemical processes can give rise to changes in the detected ESR absorption bands if they 
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alter the magnetic environment of the unpaired electron. This results in the presence of 
hyperfine or superhyperfine absorption bands (or lines). Hyperfine bands are usually due to 
the splitting of the absorption bands (for S = ½, there is one absorption band) into (2JN+1) 
bands caused by the interaction of the unpaired electron with the magnetic nucleus of the 
ion or atom (with nuclear spin quantum number JN). Further (superhyperfine) splitting 
(2JM+1) of each of these hyperfine lines by the interaction of the unpaired electron with the 
magnetic nuclei of the atoms of the ligands (with nuclear spin quantum number JM) bound 
to the ion in question is also possible.  
 
Although ESR has not been much used in solution chemistry studies, changes in speciation 
may be followed, at least in principle, by effects like line broadening, anisotropic 
interactions and shifts of the absorption band in the magnetic field caused by changes in the 
gyromagnetic ratio (g). For species with slow exchange rates, separate sets of absorption 
bands with different gyromagnetic ratios and intensities are generally observed for each 
species. These peaks tend to broaden and finally coalesce to single weighted average lines 
for labile systems with fast exchange rates. Changes in line width may also occur if there is 
a difference in the spin relaxation process, or the tumbling rates, of the ESR–active species 
(especially if these species show anisotropic behaviour). For example, in this way, new 
peaks, or asymmetric changes to existing absorption peaks, may arise with increasing 
solution viscosity. Viscosity slows down molecular tumbling rates making previously 
averaged molecular anisotropic behaviour (usually seen in frozen samples) predominant. 
However, in these circumstances no shifts in the peak positions are usually observed.  
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Cu(II) complexes are ideal species for study by ESR as Cu(II) is a d9 system with an 
unpaired ‘hole’ in the outer electron shell (S = ½) having anisotropic properties due to the 
Jahn–Teller effect. The single transition of this unpaired electron gives a single sharp 
absorption band that for some complexes is visibly split by the spin of the two common 
copper nuclei 63Cu and 65Cu (both with JN = 3/2
 
) to 4 lines. 
Experimental procedure 
Copper(II) solutions were placed in a quartz flat cell and located in the sample holder of a 
Bruker Continuous Wave ESR spectrometer operating at 9.755967 GHz. With signal 
optimisation, the ESR spectrum was taken in the magnetic field range of 864.125 Gauss 
and centred on a field strength of 3330.311 Gauss with a signal modulation frequency of 
100 kHz. The resultant spectra were then analysed and processed using the Windows–
based program WinEPR. Tests that involved snap freezing of solutions in liquid N2 were 
made using a 5mm bore Pyrex tube whilst the experiment with 17O–enriched water used a 
capillary tube. In the latter case, approximately 0.05mL of 10M OH– with [Cu(II)]T = 
0.05M solution was diluted with 0.05mL of the 10% 17
 
O enriched water (Enritech Ltd) and 
introduced into the capillary tube using a syringe. 
3.2.4 Fe(III) spectrophotometry 
 
Iron(III) perchlorate solutions were prepared by dissolving Fe(ClO4)3 (BDH, UK, LR 98%) 
in water (MilliQ system). [Fe(III)]T was then determined immediately (±0.2%) by an 
ETDA (BDH, UK, Concentrated Volumetric Standard) titration with variamine blue as the 
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indicator. From these freshly analysed solutions, stock solutions (~0.01M) were prepared in 
1M HClO4. This procedure was employed because the EDTA titration was found to be 
sensitive to the presence of large amounts of ClO4–. Also it was observed that aqueous 
solutions of Fe(ClO4)3 were stable with respect to precipitation for the short period 
required to do the test. 
 
Subsequently, solutions containing 1M HClO4 with [Fe(III)]T ~2, 5, 10 and 20µM were 
prepared. Titrant solutions used contained 1M NaOH or 1M NaOH and 1M NaClO4
2.2.7
. The 
titration experiments were conducted as described for Pb(II) in Section ; they were 
performed immediately after solution preparation to minimise precipitation of Fe(OH)3(s). 
The region 230–500nm was used in the spectral analysis. For the tests conducted to check 
for precipitation a 10µM Fe(III) solution (at pH 1, I = 1M NaClO4
 
) was brought to a 
specific pH with base (1M NaOH) and monitored with the spectrophotometer set up in 
kinetic mode scanning every 2 minutes for 1 hour. 
3.3 Ag(I) hydrolysis  
 
Characteristic, reproducible spectral changes with respect to pH were seen for the 
Ag(I)/OH–
Figure 3.3
 system. After background subtraction at 216nm ≤ λ ≤ 700nm, the formation of 
at least 2 perceived isosbestic points at ~254 and 262 nm were evident ( ). This 
feature suggested the presence of only three species (including Ag+) in these very dilute 
solutions of Ag(I) over the pH range studied. Support for this conclusion came from the 
unaided convergence of the SPECFIT optimisation process using a model with only the 
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mononuclear species Ag+(aq), AgOH0(aq) and Ag(OH)2–
Table 3–4
(aq) present. Including a fourth 
species in the model produced unrealistic absorptivities, duplication of one of the already 
accepted species or convergence failure. Excluding one of the two species produced plots 
that did not fit the original spectra satisfactorily.   
 
Although the standard deviations (σ) ( ) were similar to or better than those 
reported by Biedermann and Sillen and other workers,, they were large compared to those 
that would be expected for a conventional system with only two species. However, the 
errors seemed reasonable given the low concentration of Ag(I) used and the difficulties 
associated with measurement at short wavelengths. In addition, some photodecompositon 
of silver perchlorate and [Ag(I)]T adsorbtion on the surfaces of the glassware163 was 
unavoidable. To minimise this, measurements were made only in the pH range where 
hydrolysis was significant.  
 
Within the limits of experimental error, no changes were seen in the stability constant 
values with respect to [Ag(I)]T and [OH–]/[Ag(I)] ratios up to 105 Table 3–4 ( ). This 
indicates that no further higher order or polynuclear species were formed in agreement with 
other studies. Using the average log*β1q Figure 
3.4
 values, the calculated speciation profile (
) showed that only small quantities of AgOH0 appear at low Ag(I) concentrations. This 
is in accord with the calculation of Baes and Mesmer and is a consequence of logK11 being 
slightly smaller than logK12. At [Ag(I)]T > 28µM the precipitation of AgOH(s) was seen by 
an increase in the baseline at longer wavelengths. Using the conditions at the onset of 
AgOH(s) precipitation the solubility product, *Ksp, corresponding to  
                                                                                                                                       82 
 
 
AgOH(s)  +  H+    Ag+  +  H2O       3.1 
was calculated. This log*Ksp value obtained, –7.1 (σ= 0.2) was similar to that for Ag2
132
O(s) 
(–7.71) . On the basis of these solubility products it would appear that the present 
spectrophotometric results refer to solutions supersaturated with respect to Ag(OH)(s) and 
Ag2
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Figure 3.3  Absorption spectra of 24µM AgClO4 at I = 1M(NaClO4) with 10 ≤ pH ≤ 
12. The spectra are recorded against a I = 1M(NaClO4) solution at the corresponding pH. 
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Figure 3.4 Speciation diagram of the Ag(I) hydroxide system 11µM ≤ [Ag(I)]T ≤ 
28µM, I = 1M NaClO4
 
 using the stability constants derived in this section. 
The average spectral characteristics of Ag+ Figure 3.5 and its two hydrolytic species ( ) were 
also derived from the analysis. As can be seen, the calculated Ag+ spectrum compared well 
with a separate measurement of the spectrum of AgClO4 at [Ag+]T
Figure 3.5
 = 0.016M (pH~5, 
). This spectrum showed Ag+ forming three peaks at 197nm (εmax = 0.98×103M–
1cm–1), 211nm (εmax = 0.78×103M–1cm–1) and at 224nm (εmax = 0.42×103M–1cm–1). The 
shift in the absorption bands of Ag+, Ag(OH)0(aq) and Ag(OH)2– to higher wavelengths 
with increasing OH– Figure 3.5 binding is also evident ( ). 
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Figure 3.5 Averaged spectra of the various Ag(I) hydroxide species detected at 11µM ≤ 
[Ag]T ≤ 28µM (I = 1M NaClO4). Also included is the spectrum from a 0.016M AgClO4
 
 
(pH ~ 5) solution taken using a 1mm spectrophotometric cell. 
Table 3–4 Ag(OH)n(1–n)+ formation constants (± ‘internal’ standard deviations) derived 
from the SPECFIT analysis of UV–Vis spectrophotometric data in the present work at I = 
1M (NaClO4
[Ag(I)]
). 
T Wavelength 
range/nm 
 /µM pH range log*β log*β11 Σ(squares) 12 
×10
σ(abs) 
–3 ×10
11.1 
–3 
230 – 700 10.47 – 12.77 –11.97±0.20 –23.78±0.19 1.97 0.663 
11.1 230 – 700 10.75 – 12.49 –11.76±0.12 –23.89±0.15 15.10 1.51 
15.3 – 13.2 224 – 300 9.94 – 12.85 –11.92±0.08 –24.07±0.15 2.00 1.74 
17.8 230 – 700 9.88 – 12.96 –12.45±0.19 –24.25±0.11 25.10 1.88 
17.8 230 – 700 9.67 – 12.85 –12.57±0.25 –24.22±0.11 23.10 1.87 
24.3 – 23.9 220 – 300 9.72 – 11.91 –12.00 –23.80±0.06 0.204 0.619 
27.8 230 – 700 10.21 – 12.51 –12.10±0.05 –24.64±0.19 3.94 0.834 
27.8 230 – 700 10.89 – 12.97 –12.06±0.25 –23.89±0.18 14.30 1.89 
31.6 – 31.3 224 – 300 9.57 – 11.9 –12.26±.008  1.27 1.59 
75 – 74.9 216 – 300 5.60 – 11.00 –11.83±0.32  0.646 1.58 
75 – 74.9 216 – 300 5.51 – 11.02 –11.97±0.26  0.294 0.872 
Average. log*β  pq  –12.08±0.25 –24.07±0.29b  b  
(logβ pq)  a  (1.69) (3.47)   
a Formation constants of Ag(OH)n(1–n)+ 1.8 complexes as defined in log of Equation  (logβpq 13, page ); b 
Uncertainties expressed as the standard deviation of the average log*βpq
 
 values. 
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3.4 Copper(II) hydrolysis 
 
3.4.1 Spectrophotometric results 
 
At Cu(II) concentrations of 49.3µM in I = 1M(NaClO4
Figure 3.6
) and 2 ≤ pH ≤ 13, significant 
changes in the spectra were found to occur in the range 216nm ≤ λ ≤ 550nm ( ). 
Visual inspection of Figures 3.6 and 3.7 suggested that, including Cu2+
2.2.5
(aq), there were at 
least seven species formed to a significant extent over the pH range studied. This was 
confirmed in part, by factor analysis using the SPECFIT program (Section ) which 
indicated 7 significant chromophores. 
 
0.0
0.2
0.4
0.6
0.8
1.0
1.2
1.4
216 224 232 240 248 256 264 272 280 288 296 304 312 320 328 336 344 352 360 368 376 384 392 400
wavelength /nm
A
bs
or
ba
nc
e 
2.04
5.96
6.46
6.63
6.81
6.98
7.06
7.24
7.39
7.56
7.72
7.98
8.15
8.33
8.58
8.75
9.08
9.59
10.02
10.36
10.71
11.20
11.90
12.30
12.47
12.64
12.80
12.97
pH
 
Figure 3.6 Absorption spectra of 49.3µM CuClO4 at I = 1M (NaClO4) with 2 ≤ pH ≤ 
13. Spectra recorded against a I = 1M (NaClO4) solution at the corresponding pH. 
                                                                                                                                       86 
 
 
0.0
0.2
0.4
0.6
0.8
1.0
216 224 232 240 248 256 264 272 280 288 296 304 312 320 328 336 344 352 360 368 376 384 392 400
wavelength /nm
ab
so
rb
an
ce
3.23
6.66
7.67
8.44
10.78
12.15
12.99
pH
 
Figure 3.7 Selected background–subtracted spectra (from a different experiment to 
those shown in Figure 3.6) illustrating the spectral changes occurring in a solution of 
49.3µM Cu(ClO4)2 at I = 1M(NaClO4
 
) and 25°C at 2 ≤ pH ≤ 13.  
The SPECFIT analysis of the absorbances from 216nm to 550nm of an extensive series of 
spectra indicated the presence of only Cu2+, Cu(OH)+, Cu(OH)20, Cu(OH)3– and 
Cu(OH)42– in solutions of moderate OH– concentration (pH ≤ 11). The sixth and the 
seventh species (Cu(OH)53–, Cu(OH)64–) were only detected at very high pH values (up to 
pH 13) where, because of the increasing background contribution, the analysis was 
restricted to λ ≥ 240 nm (Figures 3.6 and 3.7). The validity of this model was tested in the 
usual manner. An extensive search was conducted for other possible species, in particular 
Cu2(OH)22+. This species appears to have been well established by potentiometric 
measurements at higher [Cu(II)]T, but its inclusion in the present model produced 
unrealistic absorption spectra. It should be noted that in some of the experiments at higher 
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[Cu(II)]T difficulties were encountered in fitting models that included CuOH+. Since the 
existence of this species is not in any doubt, in these experiments log*β11 was fixed using 
the averaged value obtained from those experiments at low pH and low [Cu(II)]T where 
CuOH+ Table 3–6 is a significant species ( , Figure 3.13). Likewise, Cu2(OH)22+ might also 
be present but is undetectable when [Cu(II)]T ≤  50µM. Optimisations which did not 
include the sixth and the seventh species (Cu(OH)53– and Cu(OH)64–) failed to produce 
absorptivities vs. pH curves that fitted the observed response at high pH.   
 
A summary of the results obtained from the optimisations using this seven species model, 
Cu(OH)q(2–q) Table 3–6(aq) with 0 ≤ q ≤ 6 is given in . The stability constants of the lower 
order species from these experiments compared reasonably well with literature values 
(Table 3–2, page 71) but not with those estimated by Baes and Mesmer. However, it may 
be noted that Baes and Mesmer’s values of log*β12 and log*β13 are inconsistent with the 
experimental results of Gubeli et al. and the more recent data from Kolosov et al.. 
According to the results obtained here and consistent with the literature (Table 3–2), the 
logβ12 value is about twice that of logβ11. This break from the usual order (βn-1 < βn) is 
unusual but not unprecedented. Such effects are commonly attributed to a change of 
geometry of the central ion164.  
 
Once again, the uncertainties in the log*βpq values were higher than is typical for more 
simple systems. However, given the experimental difficulties created by the sparing 
solubility of Cu(OH)2(s) and CuO(s), the low spectral intensity of many of the absorptions, 
the number of complexes formed and the possible adsorption of copper (II) ions onto 
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glassware, these uncertainties seem reasonable. Based on the solubility product of CuO(s), 
(log Kbs10 = –20.4), the 25µM solutions used in these experiments were supersaturated 
with respect to CuO from ~ pH 8–11. Indeed tenorite (CuO) was observed to form in these 
solutions at pH 11 after about 1 week of standing. 
 
At the higher [Cu(II)]T necessary to investigate the forbidden d–d absorption bands, only a 
small pH range could be investigated due to the precipitation of Cu(OH)2(s) (solubility ~ 
30 – 70µM, Figures 3.8 and 3.9). In the experiments commencing at pH = 5, one isosbestic 
point was detected prior to the precipitation of Cu(OH)2 Figure 3.8(s) ( ). SPECFIT analysis 
indicated the presence of only Cu2+ and Cu2(OH)22+ Table 3–6 ( ); a conclusion also 
supported by a hypsochromic shift of the spectra (Figure 3.8) contrary to that expected for 
mononuclear hydroxide complex formation. This shift can be seen in the d–d absorption 
bands (Figure 3.10, Table 3–5) on going from Cu2+ to Cu2(OH)22+ (due to the replacement 
of H2O ligands by OH–). Moreover, the derived log*β22 value compared well and fell 
within the range of the log*β22 Table 3–2 values reported in the literature at various I ( ). 
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Figure 3.8 Spectra of 5mM Cu(ClO4)2 in I = 1M(NaClO4
2.2.3
) at 4.9 ≤ pH ≤ 6.1. Spectra 
were recorded against water. The absorbance spike at ~ 656nm is caused by imperfections 
in the cell (Section ). 
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Figure 3.9 Spectra of 0.1mM Cu(ClO4)2 in I = 1M(NaClO4
2.2.3
) at 13.1 ≤ pH ≤ 13.8. 
Spectra were recorded against water. The absorbance spike at ~ 656nm is caused by 
imperfections in the cell (Section ). 
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At higher pH, it was difficult to distinguish between differences caused by a chromophore 
and those due to precipitation. Spectra with significant shifts (∆A = 0.05) in the baseline at 
~450nm (i.e. that may arise from light scattering) were therefore removed before analysis, 
leaving only one isosbestic point. The limitation imposed by the narrow [OH–] range used ( 
0.3 – 1M) meant that the stoichiometries of the species formed could not be evaluated. The 
best SPECFIT model included only Cu(OH)n(2–n) and Cu(OH)n+1(2–(n+1)), with the 
corresponding stepwise formation constant logK1(n+1) 1.15 (defined in Equation ). 
Comparing the calculated spectral plots (Figures 3.11 and 3.12) and logK1(n+1)
Table 3–6
 with the 
results obtained earlier ( ), n was determined to be 5 (i.e. the species present were 
Cu(OH)53– and Cu(OH)64–). Hence the value of log*β16 was calculated by fixing the value 
for log*β15, obtained from measurements at lower [Cu(II)]T Table 3–6 ( ). 
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Figure 3.10 Spectra of the Cu(II)/OH– species detected at [Cu]T 
2.2.3
= 5mM and 4.9 ≤ pH ≤ 
5.7. The absorbance spikes (e.g. at ~ 656nm and 780nm) are caused by imperfections in the 
cell (Section ). 
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Figure 3.11 Spectra of the Cu(II)/OH– species detected at [Cu]T =  0.1mM and 13.1 ≤ pH 
≤ 13.8. Negative absorptivities for Cu(OH)64– at λ < 360nm are due to subtraction errors at 
high [OH]T
2.2.3
. The absorbance spike at ~ 656nm is caused by imperfections in the cell 
(Section ).  
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Figure 3.12 Spectra of the Cu(II)/OH– species detected at 11µM ≤ [Cu]T ≤ 50µM (I = 
1M NaClO4 Figure 3.10). Note the difference in the scales compared to  and Figure 3.11. 
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The small absorbance peak near 310nm (Figure 3.11) with an absorptivity of ~ 200 M–1cm–
1 134 has been reported previously . It has been assigned to an electronic transition from the 
ground state 2B1g(Eg) to a higher state E(p3) supposedly corresponding to Cu(OH)64– with 
a severely distorted D4h geometry. However, the present results show that this absorption 
band characterises the Cu(OH)53– species only (which would also be expected to have a 
distorted pseudo–D4h symmetry). The spectrum of Cu(OH)64–
Figure 3.12
 shows a strong absorption 
commencing at about 290nm ( ), the maximum of which cannot be resolved 
even with background subtraction because of interference from the strong absorbance of 
the medium at high pH (Figure 2.5). Aside from the d–d transition band at ~ 648nm no 
other absorption bands are seen for this species over the range 310 ≤ λ ≤ 500nm, which is 
similar in that regard to Cu(OH2)62+ Table 3–5 ( ). This difference between the derived 
spectra of Cu(OH)53– and Cu(OH)64– may be explained by the decrease in absorptivity of 
forbidden transitions that usually occurs with increasing molecular symmetry. As for the 
charge transfer absorption bands (Figure 3.12), a red shift of the derived spectra for the 
individual complexes occurs with increasing numbers of bound OH– from Cu2+ to 
Cu(OH)3–. For the higher order complexes, (Cu(OH)3– to Cu(OH)54–) a blue shift occurs. 
This phenomenon is consistent with the designation of these bands at λ < 300nm as arising 
from ligand–to–metal charge transfer (LMCT) processes165. Such processes are expected to 
occur in the near UV region because of the ease of Cu(II) reduction to Cu(I). For the Cu(II) 
hydroxo species which can be written as (assuming a coordination number of 6) 
Cu(OH)q(H2O)6–q(2–q), there are two possible LMCT transitions: corresponding to electron 
transfer from bound H2O and from bound OH– . Since a red shift is expected for a 
decreasing number of ligands and a blue shift for an increasing number of ligands this may 
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account for the observed variation of λmax with q.  
 
In the visible region (λ > 400nm), the d–d transition absorptions of the Cu(OH)q(2–q) 
complexes do not show the red shift usually associated with the weaker ligand field of OH– 
compared with H2O . Although this red shift appears on going from Cu(OH)53– to 
Cu(OH)64– Figure 3.11 ( , Table 3–5), the maximum of the Cu(OH)53– absorption band is at 
a shorter λ than the maximum absorption band of Cu2+ Figure 3.10( , Table 3–5). This 
indicates a change in the structure of the ligand field around the Cu(II) ion occurs on 
hydrolysis. 
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Figure 3.13 Speciation diagram of the Cu(II)–hydroxide system at [Cu]T = 10µM and I = 
1M NaClO4 Table 3–6 using the stability constants reported in this section ( ). The solutions 
are supersaturated with respect to CuO . 
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Figure 3.14 Speciation diagram of the Cu(II) hydroxide system at [Cu]T = 0.1M and I = 
1M NaClO4 Table 3–6 using the stability constants reported in this section ( ). The solutions 
are supersaturated with respect to CuO . 
 
Table 3–5 Summary of characteristic peaks found in the spectra of the various Cu(II) 
hydroxide species. 
Species λmax  ε /nm max /103M–1cm
Cu
–1 
204 2+ 1.7 
 820 0.011 
CuOH 232 + 2.3 
Cu2(OH)2 702 2+ 0.065 
Cu(OH)2 234 0 2.9 
Cu(OH)3 238 – 1.4 
Cu(OH)4 230 2– 1.0 
Cu(OH)5 312 3– 0.20 
 610 0.034 
Cu(OH)6 <240 4– >5 
 648 0.027 
 
Table 3–6 Cu(OH)n(2–n)+
[Cu]
 formation constants (± ‘internal’ standard deviations) derived from the SPECFIT analysis of UV–Vis spectrophotometric 
data in the present work. 
T Wavelength 
range/nm 
 / µM pH range log*β log*β11 log*β12 log*β13 log*β14 log*β15 log*β16 Σ(sq) 22 
×10
σ(abs) 
–1 ×10
49.3 
–3 
240 – 550 2.01 – 12.76     –45.57±0.29 –58.94±0.52  50.9 21.6 
49.3 – 23.0 216 – 550 2.02 – 10.40 –7.79±0.06 –15.16±0.03 –23.66±0.08 –33.93±0.19    1.08 2.16 
49.3 – 22.7 216 – 550 2.02 – 10.54 –7.67±0.11 –15.08±0.06 –23.43±0.13 –33.47±0.35    3.73 4.46 
49.3 216 – 550 2.04 – 10.95  –14.99±0.02 –23.02±0.02 –33.64±0.08    2.36 4.39 
49.3 240 – 550 2.04 – 12.97  –15.03±0.02 –22.89±0.01 –33.89±0.05 –45.97±0.11 –59.53±0.18  1.79 3.61 
49.3 216 – 550 2.04 – 10.97  –14.95±0.03 –22.75±0.02 –32.97±0.04    4.66 5.19 
49.3 240 – 550 2.04 – 12.99  –15.18±0.04 –22.54±0.02 –32.62±0.03 –44.77± –58.40±0.11  2.64 3.77 
24.7 – 11.5 216 – 550 2.05 – 9.21 –7.62±0.17 –15.92±0.18 –23.61±0.2     0.764 2.43 
24.7 – 11.1 230 – 550 2.05 – 9.71  –15.10±0.1      4.83 6.37 
24.7 240 – 550 8.91 – 13.06     –45.11±0.24 –57.85±0.23    
            
99.0 – 65.2 300 – 820 13.27 – 13.06      –58.76±0.24  0.347 5.77 
99.0 – 59.1 300 – 820 13.06 – 13.77      –58.54±0.09  0.218 4.09 
            
4890 – 409 272 – 820 4.88 – 5.68       –10.90±0.38 0.0695 1.59 
4890 – 486 272 – 820 5.21 – 5.68       –10.69±0.13 0.399 4.01 
Average            
log*β  pq  –7.69±0.09 –15.07±0.09b –23.13±0.44b –33.42±0.53b –45.36±0.52b –58.67±0.56b –10.79±0.15b  b  
(logβpq)  a  (6.08) (12.47) (18.18) (21.66) (23.49) (23.95) (16.75)   
a Formation constants of Cu(OH)n(2–n)+ 1.8 complexes as defined in log of Equation  (logβpq 13, page ); b Uncertainties expressed as the standard deviation of the average log*βpq 
values. 
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3.4.2 Cu EPR results 
 
An ESR study of the dark blue Cu(II) solutions formed at pH > 12 has been reported 
previously133. That particular study showed that no CuO22–, Cu(OH)3– nor any polynuclear 
Cu(II) species were present in highly alkaline Cu(II) solutions. Although Cu(OH)42– was 
identified as the only species present, the possibility of Cu(OH)53– or Cu(OH)64– was not 
considered. With two copper isotopes both having JN = 3/2 and similar g values, the ESR 
spectrum of a Cu2+
Figure 3.15
 solution is expected to have 4 evenly spaced hyperfine lines of similar 
intensities. However, molecular tumbling in a pseudo–octahedral environment averages 
these peaks to a broad single line ( ) This situation is changed when either the 
tumbling rate is slowed or the ligand environment is changed by complex formation. In the 
dark blue Cu(II)/OH–
Figure 
3.15
 solutions, 4 lines are seen but each line has markedly different line 
widths, all of which decrease with increasing field strength and absorption intensity (
) and there is also a shift to higher g values. Such results have been attributed to the 
anisotropic effects of Cu(II) being made more visible by the slower exchange rates when 
hydroxide species are formed. The overall shift in g values is also indicative of 
complexation162. The symmetry of the hydroxide complex is low, possibly due to the Jahn–
Teller effect, which causes differences in the g value between the axial and equatorial 
positions. Such differences are more pronounced in frozen samples of highly alkaline 
copper (II) solutions (Figure 3.17).  
 
According to Chao and Kearns, due to the apparent lack of gross spectral change with 
increasing hydroxide concentration only the presence of Cu(OH)42– could be inferred. The 
                                                                                                                                       97 
 
 
lower sensitivity of Cu EPR compared with UV Vis spectrophotometry meant that higher 
[Cu(II)]T had to be used. Consequently experiments could not be performed at [OH–]T < 
0.5M, due to precipitation of Cu(OH)2(s). Nevertheless, subtle changes in the positions, 
line widths and intensities do occur when [OH– Figure 3.16] changes from 1M to 5M ( ). 
Line intensities depend on the physico–chemical properties of the solution162. Thus the 
increase in intensity apparent in Figure 3.16 between curves (a) and (b) is probably due to 
changes in tumbling rates of the species due, e.g. to the changes in the solution viscosity. 
However, the difference in the peak positions (Figure 3.16, curves (b) and (c)) is suggestive 
of changes in speciation since only a small change occurs (possibly from Cu(OH)53– to 
Cu(OH)64– Figure 3.14, ). Attempts to confirm this result by snap freezing the solutions 
with, [Cu(II)]T = 10 mM in 1M OH– and 5M OH–
Figure 3.17
 at –196°C produced identical spectra 
( ). Furthermore, superhyperfine splitting was not detected in a 0.025M Cu(II), 
5M OH– solution containing 5% H217O. This indicates that either OH– exchange is fast on 
the ESR timescale or that the Cu–17
 
O coupling is weak. 
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Figure 3.15 ESR spectra of Cu(II) solution at various hydroxide concentrations and I. 
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Figure 3.16 ESR spectra of the fourth line at high field of 1mM Cu(II) as a function of 
[OH–] and I(NaClO4). Spectra were fixed with reference to the free radical peak from the 
glass cell. 
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Figure 3.17 Cu ESR spectrum of a frozen 10mM Cu(II), 5M OH–
 
 solution at –196°C. 
3.4.3 Copper(II) complexes 
 
There do not appear to have been any previous quantitative studies of the speciation of 
Cu(II) at very high hydroxide concentrations although, a number of workers,166 have 
alluded to the presence of Cu(OH)53– and Cu(OH)64– in these deep blue solutions. At very 
high pH (~ 14), cuprates have been inferred which have six–coordinated copper ions in the 
solid state (e.g. barium hexacuprate Ba2CuO3). In solution, penta– and hexa– coordinated 
Cu(II) species are reasonably common in the presence of high ligand concentrations 
forming, for example with: ammonia, pyridine, lactic acid, and ethylenediamine . For most 
of these systems the step–wise formation constants of the higher order mononuclear 
complexes (q = 4, 5, 6) tend to be smaller than those of the lower order species as is usually 
found for stepwise equilibria58. Broadly similar results are seen for the Cu(II)–hydroxide 
system (Figure 3.18) 
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Although a variety of polynuclear (p > 1) complexes have been reported (Table 3–2), at 
moderate copper concentrations (< 0.1M) Cu2(OH)22+ seems to be the only polynuclear 
species to be present. This species is present in small amounts even at [Cu(II)]T as low as 
10µM. According to speciation calculations using the stability constants obtained in these 
experiments, Cu2(OH)22+ is less important than CuOH+ when [Cu(II)]T < 23µM. At 
[Cu(II)]T ~ 50mM, Cu2(OH)22+ and CuOH+ both have similar but low concentrations. This 
may explain why it is difficult to characterise both these species from the 
spectrophotometric data at [Cu(II)]T = 50mM. Also, the charge transfer band of CuOH+ 
may be quite similar to that of Cu2(OH)22+, making it hard to resolve the spectra of the two 
species. At [Cu2+]T ≥ ca. 5mM, Cu2(OH)22+ is the predominant species. The formation 
constant, log*β22
-3
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7
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No. of ligands q
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gK
1q
hydroxide (I =1M NaClO4)
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ammonia (I=1M NH4NO3)
lactate (I =2M NaClO4)
, obtained from these experiments is similar to the values obtained by 
other workers which, show only a slight variation with ionic strength.  
  
Figure 3.18 logK1q values of various Cu(II) ligand systems as a function the number of 
bound ligands(q). Values other than those for the hydroxide system were taken from the 
JESS database (Version 6.1a, 1999),. 
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3.5 Iron(III) hydrolysis 
 
Significant spectral changes were visible over the whole pH range examined. Separate 
experiments at fixed pH over a period of time (Figure 3.19) suggest that there is no rapid 
loss of absorbance (∆A < 0.05, corresponding to ∆A < 0.005 in a 1cm cell) due to 
precipitation. Hence all the experiments reported over the pH range 4.5 to 11 (Figure 3.20) 
were completed in this time frame. Furthermore at pH > 11 the rate of precipitation 
decreased (presumably due to an increase in solubility) making the solutions stable for 
more than 30 minutes (Figure 3.20). 
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Figure 3.19 Loss of absorbance with time of a 10µM Fe(III) solution (I = 1M NaClO4 
and 25°C) at pH = 7.4. 
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Figure 3.20 Time taken for a 10µM Fe(III) solution (I = 1M NaClO4
 
 and 25°C) adjusted 
to various pH values to precipitate (indicated by ∆A ≥ 0.05). 
Another check on the absence of precipitation-related complications was made by 
investigating the macroscopic reversibility of the observed spectral effects. This was 
achieved by recording an initial spectrum (at pH ~ 1.2), adding OH-
Figure 3.21
 (to give a pH ~ 7.8), 
recording the spectrum and then re-acidifying to achieve the original pH as closely as 
possible. These results ( ) show that an almost identical spectrum (∆A < 0.02) is 
obtained. If precipitation were occurring, this rapid return to the original spectrum would 
be most unlikely since FeO(OH)(s) once formed is slow to redissolve (it should be noted 
that this experiment is not straightforward because the OH- additions must be made in such 
a way as to minimise the precipitation that inevitably arises from the presence of a local 
excess of OH- near the burette tip). Thus, titrations for the critical range were performed as 
follows. At pH > 4, where precipitation normally commences even when [Fe(III))]T < 10-
5M the spectra and pH were recorded simultaneously (within 1 second) after giving enough 
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time for the glass electrode to give a reasonably stable reading. The lack of buffering in this 
range was helpful in this respect since only small quantities of base were required to 
produce large changes in the potential readings. Typically, the time taken between readings 
was usually shorter than 60 s following each addition of base. In this way a complete set of 
spectra up to pH > 11 could be obtained as a function of pH within 15 minutes. 
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Figure 3.21 Recorded spectra of a 10µM Fe(III) solution (I = 1M NaClO4 and 25°C) at 
pH = 1.2 then at pH 7.8 after the addition of 1M OH- and then at pH = 1.16 pH adjustments 
with 1M HClO4. Spectra have been corrected for the decrease of [Fe(III)]T
 
 due to dilution. 
With background subtraction from 230nm ≤ λ ≤ 500nm, the formation of isosbestic points 
(Figure 3.22 and Figure 3.23) was consistent with the presence of 7 species over the pH 
range examined. By comparison with literature spectra, it was clear that the species Fe3+, 
Fe(OH)2+, Fe(OH)2+ were present. No Fe2(OH)24+ was evident, since the isosbestic point 
between Fe3+ and Fe(OH)2+ Figure 3.22 (seen with a peak at 286nm in ) was well defined. 
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Figure 3.22 Absorption spectra of ~10µM Fe(III) in I = 1M (NaClO4) at 0 ≤ pH ≤ 12.7. 
Spectra were recorded against I = 1M (NaClO4
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Figure 3.23 Spectra of ~ 10µM Fe(III) in I = 1M(NaClO4) obtained for different 
experiments at different pH ranges to distinguish the various isosbestic points. Spectra 
were recorded against I = 1M(NaClO4
 
) solutions at the corresponding pH. 
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Visual inspection of Figures 3.22 and 3.23 suggested that over the pH range studied there 
were four additional species. The SPECFIT optimisation converged using a model with 
only the mononuclear species Fe(OH)q(3–q) Table 3–8 (0 ≤ q ≤ 6) present ( , Figure 3.26). As 
with all the other systems studied, good correlation between the predicted and experimental 
spectra was obtained (Figures 3.24 and 3.25). Although the range of [Fe3+]T was restricted 
to < 10µM by the rate of precipitation, the calculations showed no significant dependence 
on [Fe3+]T Table 3–8 ( ). This indicates the absence of any significant polynuclear species at 
these concentrations.  
 
The stability constants obtained had rather large uncertainties, especially compared with 
those for the well established lower order complexes in the literature (see Baes and 
Mesmer’s values for log*β11, log*β12 Table 3–3,  and the review by Byrne et. al.153). The 
larger uncertainties for the experiments at I = 0.5M (Table 3–8) are possibly a consequence 
of adsorption of Fe(III) onto the glassware because most experiments at this ionic strength 
were conducted at [Fe(III)]T < 6 µM167. Such adsorption will affect [Fe(III)]T in the 
calculations. Literature data indicate that a 20% adsorption loss occurs for [Fe(III)]T = 3 
µM. If it is assumed that the adsorption is concentration-independent this would constitute 
an error of up to 6-10% at 6≤ [Fe(III)]T
 
 ≤ 10 µM, which is still significant. 
Despite the difficulties encountered in analysing this system the stability constants obtained 
are comparable to the previous measured values and the estimates (for β13 and β14
Table 3–3
) of Baes 
and Mesmer ( ). The variation of the step–wise formation values with respect to 
the number of bound OH– Figure 3.28 ( ) exhibited a smooth decrease. Such a result is 
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typical of a stepwise replacement of water by OH– with little change to the octahedral 
symmetry of the Fe(III) coordination sphere.  
 
The calculated spectra of Fe3+(aq), FeOH2+(aq) and Fe(OH)2+ Figure 3.27(aq) ( , Table 3–7) 
are comparable with those reported in the literature. Interestingly, the changes in the 
spectra with increasing attachment of OH– were broadly similar to those obtained for the 
Cu(II)/OH– 3.4 system (Section ). Thus, a red shift of the absorbance maximum is observed 
with the change from Fe3+ to FeOH2+
Figure 3.27
 but subsequently the band maximum appears to shift 
progressively towards the blue ( , Table 3–7). This similarity may reflect the 
similarity of the LMCT processes involved. 
 
It also notable that there is an absence of a broad weak absorption band in the Fe(OH)63–
spectrum λ > 320nm in contrast to that seen with Fe(OH)52– Figure 3.27(aq) ( ). This result 
is confirmed by the presence of white salts168 of Fe(OH)63–. This probably reflects the 
increase in molecular symmetry on going from Fe(OH)52–(aq) to Fe(OH)63–, which 
decreases the absorptivity of forbidden transitions and again parallels the behaviour of the 
Cu(II)/OH– Figure 3.12 system ( ). 
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Figure 3.24 Typical absorbance against pH plots generated by SPECFIT for three 
wavelengths calculated using the best model ( ~ 10 µM Fe(III) in I = 1M (NaClO4
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Figure 3.25 Typical predicted spectra generated by SPECFIT for a titration involving 
~10µM Fe(III) in I = 1M (NaClO4) at 0 ≤ pH ≤ 12.7  
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Figure 3.26 Speciation diagram of the Fe(III)-hydroxide system at [Fe]T ≤ 10µM, I = 1M 
NaClO4
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, 25°C, using the stability constants derived in this Section. 
 
Figure 3.27 Spectra of the mononuclear Fe(III)-hydroxide species detected [Fe]T ≤ 10µM 
( I = 1M NaClO4
 
). 
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Table 3–7 Summary of present and literature values of the absorbtion maxima for the 
mononuclear Fe(III)-hydroxide species. 
Species λmax Estimated ε /nm max 
/103M–1cm
Literature λ
–1 
max/nm 
(εmax/103M–1cm–
1)
Fe
a 
240 3+ 3.8 240 (4.2) 
FeOH 286 2+ 2.1 297 (2.0) 
Fe(OH)2 ~272(shoulder) + 2.9 297 (1.8)
Fe(OH)
b 
3 ~252(shoulder) 0 3.5  
Fe(OH)4 ~264(shoulder) – 2.7  
Fe(OH)6 < 230 3- > 3.1  
a Derived from experiments at 25°C and I = 0.1M (NaClO4, HClO4). 
b This result may be questionable due to the possible interference from polynuclear species 
present at the [Fe(III)]T
 
 used (~0.1mM). 
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Figure 3.28 Graph of logK1q against the ligand number for the Fe(III)/OH– system. 
Results for the Fe(III)/F– system ( at 25°C, I = variable) are also included169. 
Table 3–8 Fe(OH)n(3–n)+
[Fe(III)]
 formation constants (± ‘internal’ standard deviations) derived from the SPECFIT analysis of UV–Vis 
spectrophotometric data in the present work. 
T pH range  /µM log*β log*β11 log*β12 log*β13 log*β14 log*β15 Σ(sq)×1016 σ(abs)×10–1 
I = 0.5M 
–3 
         
          
1.72 1.14 – 10.82 –3.08±0.05 –6.84±0.11 –14.32±0.19 –23.57±0.18   0.404 1.82 
1.72 0.93 – 10.66 –2.85±0.07 –6.40±0.12 –14.72±0.21 –23.07±0.14   0.261 1.55 
3.45 1.10 – 10.69 –2.79±0.05 –6.26±0.06 –13.17±0.12    2.05 3.92 
3.45 1.10 – 10.26 –2.77±0.04 –6.96±0.07     2.16 4.10 
6.89 0.86 – 12.25 –2.86±0.06 –7.33±0.21 –12.49±0.2 –21.14±0.21   2.00 3.70 
6.89 0.63 – 9.66 –2.85±0.04 –7.28±0.19 –11.90±0.17 –19.78±0.17   1.32 3.18 
          
Average log*β  pq –2.87±0.11 –6.84±0.45b –13.32±1.19b –21.89±1.75b  b    
(logβpq)  a (10.82) (20.54) (27.75) (32.87)     
I = 1M          
          
6.89 2.00 – 9.96 –2.66 –7.17±0.10 –12.25±0.17 –20.53±0.17   1.12 2.82 
6.89 2.00 – 10.23 –2.66 –7.23±0.06 –12.45    1.73 3.70 
20.7 – 9.18 0.00 – 12.72 –2.63±0.01 –6.51±0.06 –11.42±0.11 –19.42±0.11 –29.87±0.11 –42.60±0.12 0.505 1.71 
20.7 – 9.18 0.00 – 12.72 –2.63±0.01 –6.79±0.05 –11.85±0.13 –20.16±0.14 –30.75±0.15 –43.52±0.16 0.691 2.02 
20.7 – 9.18 0.00 – 12.72 –2.67±0.02 –7.26±0.04 –13.85±0.08 –21.28±0.07 –30.94±0.12 –43.20±0.12 3.73 4.39 
20.7 – 9.18 0.00 – 12.72 –2.68±0.01 –6.90±0.04 –12.12±0.11 –20.81±0.14 –31.69±0.15 –44.26±0.17 1.06 2.43 
16.5 – 8.26 0.00 – 6.18 –2.74±0.04      1.60 4.22 
16.5 – 8.26 0.00 – 6.05 –2.63±0.04      2.39 5.24 
6.00 1.61 – 10.32 –2.63±0.05 –7.03±0.09 –13.21±0.10 –21.16±0.1   0.122 1.12 
          
Average log*β  pq –2.66±0.03 –6.98±0.27b –12.45±0.91 b –20.56±0.69b –30.81±0.75b –43.39±0.69b  b  
(logβpq)  a (11.11) (20.56) (28.86) (34.52) (38.04) (39.23)   
a Formation constants of Fe(OH)n(3–n)+ 1.8 complexes as defined in log of Equation  (logβpq 13, page ); b Uncertainties expressed as the standard deviation of the average 
log*βpq values. 
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4. HCN(aq) AND ITS REACTION WITH Ni(II), Ag(I), AND Pb(II) 
 
4.1 Introduction 
 
Most metal ion–cyanide systems have been studied at reasonably high pH to avoid loss 
of the volatile HCN. However, this creates problems with respect to competing 
precipitation and metal ion–hydrolysis reactions. Thus, in this work, attempts were 
made to investigate solutions at pH values which were as low as practicable (since HCN 
volatilisation is mitigated by the high solubility of HCN with Henry’s constant KH = 
0.144 atm M–1 at I= 1M (NaCl), 25°C 170). The systems selected for study were Ag(I), 
Ni(II), and Pb(II)/CN–.   
 
At high concentrations (> 0.2M) and at low pH, HCN is known to polymerise in 
aqueous solution171. This reaction received considerable attention when it was 
postulated that it might explain the origins of life in the universe – 173
 
. To show that there 
was minimal interference from this polymerisation reaction in the speciation studies, an 
investigation of the kinetics involved was conducted.  
4.2 Experimental 
 
4.2.1 H+/CN–
 
Before studying the metal/cyanide systems, blank titrations were conducted with 
aliquots of 1M HClO
 blank titrations 
4 titrated against 1M NaCN (I ≈ 0.5M) and 1M NaCN with 1M 
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NaClO4
2.2.3
 (I = 1M). 50 mL of titrand was placed in the spectrophotometric titration cell 
(Section ) maintained at 25.0oC, including N2
2.2.6
 deoxygenation, a mercury 
thermometer, a glass electrode and the Ag/AgCl reference electrode connected to a 
potentiometer as described in Section . Three different cells with different path 
lengths (=10.76 cm, 0.74 cm and 0.099 cm) were used to match the absorption of the 
metal ions. All connections were made airtight and the N2
2.2.6
 purging was stopped before 
the commencement of the titration. Titrant was added using a Metrohm burette (Section 
) and both spectra and potentials were recorded after the addition of titrant at 
selected intervals with an equilibration time of ~ 5 minutes. On the completion of the 
experiment, the glass electrode and the Ag/AgCl reference electrode were calibrated at 
25.0oC ex situ, using a 0.01M H+ solution at the appropriate ionic strength maintained 
by NaClO4
 
. Proton concentrations were calculated manually for the initial part of the 
titration (pH < 2) and deduced from potentials of the glass electrode system at higher 
pH. 
4.2.2 The polymerisation rate of reaction 
 
1M HClO4 aliquots were adjusted to a pH around 7 in the spectrophotometric titration 
cell with a solution containing 1M NaCN and 1M NaClO4 (I = 1M (NaClO4)) and 
maintained at 25.0o 4.2.1C as described in Section . At this stage, the spectrophotometer 
was set up to collect kinetic data for a range from 200 to 600nm for ~ 12 hours, 
sampling every 20 minutes. This experiment was repeated at different pH values around 
pH 7 at [HCN] ~ 0.5M and at two different temperatures (35 and 45°C). The gradient 
from the linear rise in absorbance with time was calculated at the absorption band peak 
at 296nm. With [H+] and total cyanide concentration ([CN–]T) known, the hydrogen 
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cyanide and free cyanide concentrations were determined using the following equations.
  
[CN–] = [CN]T – [HCN]        4.1 
[HCN] = K(HCN)[CN]T[H+]/([H+] K(HCN) – 1)     
 4.2 
where K(HCN) is the association constant of HCN (logK(HCN) = pKa(HCN) = 8.9 for I = 1M 
NaClO4). 
 
4.2.3 Silver(I) cyanide 
 
Experiments to investigate the Ag(I)/CN–
4.2.1
 system were conducted as described in 
Section  using 1M HClO4
2.2.3
 titrand containing 27µM–36µM of Ag(I) in the 10.76cm 
spectrophotometric cell (Section ). Glass electrodes were not required as changes in 
the spectra only occurred in the region where the pH < 2 and [H+] could be calculated 
directly from the amount of titrant added. After the subtraction of the relevant blank 
spectra, the results were analysed by SPECFIT using the (M, L, H) model, fixing 
(incidentally) the pKa of HCN = 8.9 for I = 1M. 
 
4.2.4 Nickel(II) cyanide 
 
To investigate the Ni(II)/CN–
4.2.3
 system, experiments were conducted as described in 
Section  but due to the observed slow kinetics of formation of Ni(CN)42–, much 
longer equilibration times were used along with tests to check whether changes in the 
spectra had ceased. Experiments commencing at 0.01M HClO4 (I = 1M NaClO4) were 
performed with glass electrodes to measure [H+ 4.2.1] (Section ). 
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4.2.5 Lead(II) cyanide 
 
UV Vis Spectrophotometry 
25mL 1M HClO4 titrands with Pb(II) (9µM–25 µM) in the 10.76cm spectrophotometric 
titration cell were prepared. [H+] was measured using a glass and Ag/AgCl reference 
electrode combination after the addition of 20mL of titrant (1M NaCN and 1M NaClO4
4.2.1
) 
and the experiment was conducted as described earlier (Section ). With blank 
spectra for subtraction obtained in a similar way, the resultant background subtracted 
spectra were analysed by SPECFIT as before (Section 4.2.3). 
 
Preparation of ‘lead cyanide’ solid samples 
Samples were prepared by the addition of sodium cyanide (~ 1M solution) to a lead salt 
(~1M lead perchlorate or nitrate) solution. The precipitate formed was then filtered with 
a Buchner funnel set up, washed initially with a sodium cyanide solution (~ 1M) then 
thoroughly with water before finally, being dried under vacuum. 
 
IR Spectrophotometry 
Dry KBr(s) was ground with a small quantity of the sample in a mortar with a pestle and 
pressed into discs at pressures of 10 × 103 kg cm–2. The IR transmittance spectra of 
those discs were recorded using a Perkin–Elmer 1720 infrared spectrophotometer from 
400 to 4000cm–1 with a resolution of 4cm–1
 
 and an average of 10 scans. Separate 
experiments using the diffuse reflectance IR unit of the Nicolet Magna–IR 850(SeriesII) 
spectrometer were also performed. 
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Raman spectrometry 
Samples were investigated using Raman spectroscopy as described in Section 2.5. For 
solid–state analysis, a portion of the samples were ground with KBr in a mortar with a 
pestle and put into a short NMR tube with a little tapping to compact the powder. 
 
Powder X– Ray Diffraction (XRD) spectrometry 
The sample powder was smeared on a glass plate with a little acetone and fitted into a 
Phillips goniometer of the X–ray diffraction instrument (Diffraction Technologies) 
using a Siemens Cu Kα
 
 X–ray (λ = 154pm) source. The samples were scanned at angles 
(2θ) from 10 to 80 degrees.  
4.3 UV Vis Spectrophotometry of the background cyanide solutions 
 
With the addition of CN– to the acid solution (1M HClO4
Figure 4.1
), significant changes in the 
absorption spectra in the UV region (< 220nm) were observed ( ). Since the 
hydrolysis of water was unimportant in this pH range (0 < pH < 2), this effect was 
attributed to the electronic transition associated with the presence of HCN. Given the 
time required for such measurements, spectra could only be acquired up to pH ~ 10.4 
due to the formation of cis–diaminomaleonitrile ( the cis– HCN tetramer, DAMN, (IV), 
Figure 4.5). This is produced by the reaction of HCN in the presence of CN–, and can 
easily be monitored by the rise in the absorbance peak at around 296nm (Figure 4.2). On 
standing for a few weeks a yellow brown precipitate formed in these solutions.  
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Figure 4.1 Series of spectra obtained for a titration of 1M HClO4 with 1M NaCN 
and 1M NaClO4, I = 1M (HClO4 ,NaClO4) at 0.02 ≤ pH ≤ 2.11 and 0 ≤ [CN–]T
 
 ≤ 
0.48M. Spectra were recorded against water in a 10.76 cm spectrophotometric titration 
cell. 
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Figure 4.2 Time–based spectra of a solution containing 0.53M NaCN and 0.47M 
HClO4 
 
(~ pH = 10.4) taken every 40 minutes. Spectra were recorded against water. The 
lowermost spectrum is the initial spectrum. 
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4.4 Kinetics of the cyanide polymerisation reaction 
 
From the rate of increase in the UV–Vis absorption at 296nm it was possible to 
characterise the kinetics of the polymerisation reaction of HCN. Such studies have 
previously been conducted on the NH4OH/NaCN system by Sanchez et al. . They 
deduced that the peak at 296nm was caused by the formation of DAMN and that the rate 
of reaction was second order with respect to the concentration of CN–
Table 4–1
. They also found 
that the rate was dependent on pH, approaching a maximum at pH 7–10 but was 
negligible at pH < 4 or > 11. By conducting a similar study for the NaOH/NaCN system 
used here ( ), it was found that the rate of formation of the tetramer was first 
order with respect to [HCN] and quadratic with respect to [CN– Table 4–2] ( ). This result 
would appear to accord with the formation of aminomaleonitrile (AMN) or (III) and 
finally to (V) (Figure 4.5) but not the formation of DAMN (IV). However, it was shown 
by Sanchez et al.49 that the formation of DAMN from AMN in the presence of excess 
HCN is rather fast. Hence, assuming that the spectral changes were indeed caused by the 
formation of DAMN and using their data for DAMN (λmax = 296nm, εmax 49 = 13500) , 
the third order reaction rate constant (Figure 4.3) and its temperature dependence were 
calculated (Figure 4.4). Since this reaction also occurs in a NaCl background electrolyte 
and proceeds in the dark, a nucleophilic substitution reaction mechanism is probably 
responsible for the formation of DAMN in aqueous media (Figure 4.5). This mechanism 
also confirms the need for base and water to initiate the reaction and it explains why 
high cyanide concentrations favour the reaction. It also shows that cyanide 
polymerisation is not important at low pH. However, the cyanide complexation 
experiments conducted at near neutral and higher pH values had to be limited with 
respect to equilibration times and monitored for cyanide polymerisation. 
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Table 4–1 Results of the kinetic experiment for the formation of DAMN following 
the absorbance at 296nm. 
Measured [CN–
]
Measured 
[HT +
Calculated 
[HCN] ] 
Calculated 
[CN–
Reaction rate/ 
Absorbance s] 
0.530 
–1 
6.20E–09 0.440 0.089 9.46E–05 
0.531 2.97E–09 0.373 0.158 9.46E–05 
0.583 1.00E–09 0.258 0.325 2.70E–04 
0.714 2.78E–10 0.129 0.585 4.05E–04 
0.444 1.12E–11 0.004 0.441 9.29E–07 
 
 
Table 4–2 Comparison of the fitting of various kinetic models with experimental 
data for the formation of DAMN. R2
Rate model 
 for the best fit = 1.0000. 
Calculated linear fitting parameter R
[HCN] 
2 
0.0069 
[CN– 0.3007 ] 
[HCN][CN– 0.6876 ] 
[HCN]2[CN– 0.0442 ] 
[HCN][CN–] 0.9746 2 
[HCN][CN–] 0.8824 3 
[HCN]3[CN– 0.0289 ] 
[HCN]2[CN–] 0.9052 4 
 
 
y = 6E-07x + 2E-09
R2 = 0.9746
0.0E+00
5.0E-09
1.0E-08
1.5E-08
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Figure 4.3 Rate of formation of DAMN against [HCN][CN–]2 /M3. 
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Figure 4.4 Natural log of the reaction rate against temperature (Arrhenius plot) for 
the formation of DAMN. 
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Figure 4.5 Possible reaction mechanism for the formation of the cyanide polymer. 
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4.5 Silver(I) cyanide speciation 
 
Although much is known of silver cyanide complexes, the formation constant of 
AgCN0(aq) remains unknown,174,175; the neutral species having been characterised only 
in molten salts176. With increasing cyanide concentrations, the mononuclear species 
Ag(CN)2– Table 4–3 ( ), Ag(CN)32– (logβ13 = 20.30, I = 1 (KNO3), T = 30°C)177 and 
Ag(CN)43– (logβ14 = 20.37, I = 1 (KNO3 177), T = 30°C)  are formed.  
 
Table 4–3 The stability of the Ag(CN)2–
Ionic Strength(I) 
/M 
 complex from literature. 
T/o logβ(Ag(CN)C 2– method ) Ref. 
1M KNO 25 3 20.9 Potentiometry 178
1M NaClO
 
25 4 20.14 Solubility 179
0M 
 
25 21.99 Calorimetry 180
 
 
1M NaClO
 
4 25 
 
21.8 
 
UV-Vis 
spectrophotmetry 
 
This 
worka 
a Table 4–4 see  
For the experiments conducted here, spectral changes were seen even at very low pH ≤ 
0.04 and [Ag(I)]T = 37µM. With the addition of sufficient CN–
Figure 4.6
 (to make ~ 0.02M NaCN 
in solution), precipitation was detected by the increase of absorption across the whole 
range of the spectrum ( ). After background subtraction and truncation of 
spectra beyond the precipitation point, changes with one isosbestic point were seen, 
indicating the presence of only 2 species (Figure 4.6). These spectra could only fit a 
model containing Ag+(aq) and Ag(CN)2– Table 4–4(aq) ( , Figure 4.7). Inclusion of 
AgCN0 2.6.2(aq) in the model produced unrealistic calculated spectra (Section ). At 
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higher [CN–], precipitation, presumably of AgCN(s), was seen by the lifting of the 
absorbance spectrum at the high λ range. This observation of AgCN(s) precipitation 
occurring after the formation of Ag(CN)2–(aq) indicated that AgCN0(aq) does not exist 
at appreciable concentrations.  
 
The logβ12
178
 value and its uncertainty, obtained from these experiments, compared well 
with literature values . The resultant spectra of Ag(CN)2– with absorption peaks at 
206nm (εmax ~ 2.1×103M–1cm–1) and 224nm (εmax ~ 0.4×103M–1cm–1 Figure 4.8) ( ) also 
compared well with that reported in the literature181. Using the conditions at the onset of 
AgCN(s) precipitation, the solubility product for  
Ag(CN)(s)  +  H+    Ag+  +  HCN       4.3 
was calculated. The log*Ksp value so obtained was –6.4 (σ = 0.2) which is similar to 
that reported in the literature. 
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Figure 4.6 Absorption spectra of 37µM AgClO4 at I = 1M(HClO4) with 0 ≤ (CN–)T 
≤ 0.02 (0 ≤ pH ≤ 0.04). Spectra were recorded against H+/CN– solutions at the 
corresponding pH calculated from the stoichiometric quantity of acid added. 
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Figure 4.7 Speciation of the Ag(I) cyanide system at [Ag]T ~ 37µM, I = 1M NaClO4 
with 0M ≤ (CN–)T
 
 ≤ 0.02M (0 ≤ pH ≤ 0.04) using the stability constants derived in this 
section. 
Table 4–4 Ag(CN)2–
[Ag(I)]
 formation constants (± ‘internal’ standard deviations) derived 
from the SPECFIT analysis of UV–Vis spectrophotometric data in the present work 
(measured from 200–350nm).  
/µM 
T pH (max ) [CN–] 
(max.) 
logβ12 Σ(squares)  a 
×10
σ(abs) 
–3 ×10
35.6 – 34.8 
–3 
0.017 0.020 21.69±0.04 6.44 2.30 
35.6 – 34.8 0.017 0.020 21.72±0.09 6.43 4.12 
27.5 – 27.2 0.010 0.012 21.99±0.06 1.09 1.34 
27.5 – 27.2 0.010 0.010 21.94±0.10 2.83 2.31 
Average logβ  pq  21.84±0.15  b  
a 1.8 Formation constants of the complexes are defined as in log of Equation  (logβpq
13
, 
page ); b Uncertainty expressed as the standard deviation of the average logβpq
 
 values. 
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Figure 4.8 Spectra of the various Ag(I) cyanide species detected at 0M ≤ (CN–)T ≤ 
0.02M ( 0 ≤ pH ≤ 0.04) with I = 1M (HClO4, NaClO4
 
). 
4.6 Nickel(II)–cyanide speciation 
 
The only nickel(II)–cyanide species in solution reported so far have been Ni(CN)42–
Table 4–5
 
( ) and Ni(CN)53– (logK5 = 0.28, I = 4, 25°C) even at high cyanide 
concentrations. On the basis of UV–Vis spectra, it has been claimed that the 
intermediate species NiCN+, Ni(CN)2(aq), Ni(CN)3– do not form. Furthermore, the solid 
Ni(CN)2(s), which precipitates from solution, actually contains Ni2+ and Ni(CN)42– .  
 
Table 4–5 The stability of the Ni(CN)42–
Ionic Strength(I) /M 
 complex from literature. 
T/o logβ(Ni(CN)C 42– method ) Ref. 
0 25 30.1 Potentiometry 182
0.1M KClO
 
25 4 30.7 UV–Vis spectrophotometry 
 
0.1M NaClO 25 4 30.5 UV–Vis spectrophotometry 183 
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Because of the great strength of Ni(CN)42– formation, the best conditions for observing 
possible lower order complexes are in acid solution. However, during the present work, 
time–dependent spectral changes were observed. The initial addition of titrant resulted 
in the formation of Ni(CN)42–, evidenced by its characteristic absorption bands at 268 
and 286nm ,184 Figure 4.9 ( ) even at [CN–]T/[Ni(II)]T ratios as low as 10–13. However, 
the concentration of Ni(CN)42– formed decreases with time. This presumably occurs 
because the local excess of CN– near the burette tip favours formation of Ni(CN)42– 
which then dissociates slowly to its equilibrium value (> 15 min) as it is transported into 
the solution bulk. Since equilibration time was limited because of HCN volatilisation, 
equilibrium could not be guaranteed. Eventually, on addition of enough CN–, 
precipitation of Ni(CN)2(s) occurred.  
 
Ni2+ Figure 
4.9
(aq) shows no significant absorption in the UV region down to about 210nm (
). In contrast Ni(CN)42–
Figure 4.9
(aq) has two very distinctive charge–transfer bands with 
peaks at 268 and 286 nm ( ). SPECFIT analysis of the spectra from 210 to 
400nm gave a logβ14 Figure 4.11 = 31.93 (σ = 1.17, ). this value is similar to those 
reported previously but has a high uncertainty. Furthermore, the calculated spectrum for 
Ni2+ Figure 4.10(aq) ( ) shows evidence of the Ni(CN)42- peaks as Ni2+
Figure 4.9
 does not absorb 
significantly at λ < 400nm ( , note that the absorbance of Ni2+(aq) in the 
visible region is insignificant at these concentrations). This clearly indicates that the 
solution had not fully equilibrated in the limited time span available (to minimise 
volatilisation of HCN). The precipitation of Ni(CN)2(s) occurs only after the formation 
of Ni(CN)42–, which is similar to the behaviour of the Ag/CN– 4.5 system (Section ). 
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Consistent with previous studies no evidence was found for the existence of NiCN+, 
Ni(CN)20, and Ni(CN)3–.185
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Figure 4.9 Absorption spectra of ~ 200µM Ni(ClO4)2 at I = 1M(HClO4) with 0M ≤ 
(CN–)T ≤ 0.015M,  (2 ≤  pH ≤ 7.9). Spectra were recorded against H+/CN–
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Figure 4.10 Calculated (SPECFIT) spectra of Ni2+(aq) and Ni(CN)42–(aq) at I = 1M 
(NaClO4). 
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Figure 4.11 Speciation diagram of the Ni(II) cyanide system at [Ni(II)]T ~ 200µM, I = 
1M NaClO4 with 0M ≤ (CN–)T
 
 ≤ 0.015M,  (2 ≤ pH ≤ 7.9) using the stability constant 
derived in this section. 
4.7 Lead(II) cyanide speciation  
 
Solution species 
Very little is known of lead(II) cyanide186 and its solution chemistry. Lead cyanide has 
been characterised as a sparingly soluble white solid reactive towards certain reducing 
agents187. Although there has been no reported industrial use of this compound, the 
catalytic action of lead nitrate–cyanide solutions to accelerate gold dissolution is 
routinely employed in the gold mining industry188
188
. It is thought that this reaction might 
involve the formation of a lead(II)–cyano complex . In analytical chemistry, the 
precipitation of lead cyanide on addition of cyanide to lead(II) solutions has been used 
as a qualitative test for lead(II)189. Although the presence of lead cyanide complex 
formation is implied, with the exception of one report, no quantitative data appear to be 
available. The single exception, using polarography, appears without detail in the classic 
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book by Kolthoff190, who claimed a value for logβ14 (Pb(CN)42–) = 10.3. However, as 
will be shown later in this chapter, this value almost certainly refers to Pb/OH– 
complexes. The species PbCN+ has also been proposed on the basis of potential 
measurements in molten potassium thiocyanate  (logβ11 = 2.36). The stability constants 
of lead(II) cyanide complexes have been predicted (using the Brown–Sylva theory), with 
estimated values of logβ11 = 5, logβ12 = 8.81, logβ13 = 11.55 and logβ14 = 13.26.  
 
As both Zn(II) and Cd(II) form extensive series of complexes with CN– in aqueous 
solution, it would be expected that Pb(II) should also form such complexes. However, 
because of the very strong Pb(II)/OH–
 
 complexation, it was thought best to investigate 
the possible lead(II) cyanide complex formation at low pH. 
To avoid the polymerisation of cyanide (Section 4.4), titrations had to be of limited 
duration; this made collection of a complete set of data difficult. Only 2 distinct changes 
in the spectra with their respective isosbestic points could be detected indicating the 
presence of at most 3 distinct species (including Pb2+ Figure 4.12, ). However, the 
formation of the third species was unclear. The slight increase in the baseline apparent at 
higher λ may be due to the formation of a new species or may indicate incipient 
precipitation. At higher lead concentrations, precipitation was clearly seen after the 
formation of the second species. SPECFIT analysis using a model with Pb2+ and PbCN+
Table 4–6
 
could fit the acquired spectra from 230 to 600nm ( ) and for some of the 
experiments, Pb(CN)20 could be detected with the derived value of log*β12 = 4.32 ± 
0.12. However, as this species was not apparent under all conditions and with the 
complication arising from incipient precipitation, this complex must be considered 
doubtful. No reliable evidence could be obtained for higher order complexes under the 
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experimental conditions used. A speciation diagram for the Pb(II)/CN–
Figure 4.13
 system is shown 
in  and the calculated spectra are shown in Figure 4.14.  
 
The derived logβ11 value (and also the logβ12 data collected) was found to be 
independent of the metal ion concentration indicting that no polynuclear species were 
present. At [Pb(II)]T > 7µM, precipitation was seen at pH ~ 7 where solid ‘lead 
hydroxide’ is not expected to precipitate (Chapter 2). This was detected by the increase 
in the background absorbance at high λ. From experiments with 23µM Pb(II), log*Ksp 
for the reaction  
Pb(CN)2(s)  +  2H+    Pb+2  +  2HCN      4.4 
was estimated to be –7.0 (σ = 0.4). At much higher [Pb(II)]T ~ 0.1M, the white 
precipitate formed, at pH~4, was shown by IR and Raman spectroscopy not to contain 
any C≡N vibrational bands.   
 
The spectral characteristics of the lead cyanide complex PbCN+ Figure 4.14 ( ) were 
distinctly different from those of the lead(II) hydroxo–complexes (Figure 2.13). Shifts of 
the Pb2+  charge–transfer band to longer wavelengths with higher absorptivities were 
seen for PbCN+
Figure 4.15
. Attempts to detect lead cyanide species in solution by saturating a 1M 
NaCN solution with PbO(s) (massicot) were unsuccessful. The UV–Vis spectrum of 
such a solution ( ) was similar to that obtained for solutions containing 
Pb(OH)3– /Pb(OH)42–
 
.  
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Table 4–6 Pb(CN)+
[Pb(II)]
 formation constants (± ‘internal’ standard deviations) derived 
from the SPECFIT analysis of UV–Vis spectrophotometric data in the present work (λ 
range: 230–600 nm). 
T pH range  /µM [CN–] range logβ11 Σ(squares)
×10
 a σ(abs)
×10–1 
6.9 – 6.3 
–3 
2.47 – 8.40 0.496 – 0.545 2.69±0.04 0.883 2.89 
9.8 – 6.3 3.75 – 8.40 0.286 – 0.546 2.73±0.05 2.20 4.28 
12.0 1.57 – 6.04 0.484 – 0.499 2.70±0.26 4.93 6.35 
12.0 1.42 – 6.53 0.479 – 0.501 2.79±0.20 1.65 4.95 
4.6 2.01 – 7.28 0.997 – 1.006 2.66±0.05 1.07 3.58 
4.6 3.04 – 7.28 0.993 – 1.007 2.61±0.03 4.15 2.40 
      
Average logβ  pq  2.70±0.06  b  
a 1.8 Formation constants of the complexes are defined as in log of Equation  (logβpq
13
, 
page ); b Uncertainty expressed as the standard deviation of the average logβpq
 
 values. 
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Figure 4.12 Observed spectra of 13.8µM Pb(ClO4)2 at I = 1M(NaClO4) with [CN–]T 
= 0.52 ± 0.03 and, 2.5 ≤ pH ≤ 8.4. Spectra were recorded against H+/CN– solutions at 
the same [CN–]T and pH values.  
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Figure 4.13 Speciation diagram of the Pb(II) cyanide system at [Pb]T = 6.3µM, I = 
1M NaClO4 with 0.5 ≤ (CN–)T ≤ 0.55, (2.5 ≤ pH ≤ 8.4) using the stability constants in 
this section. Note that the Pb(CN)20
 
 complex is doubtful (see text). 
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Figure 4.14 Calculated (SPECFIT) spectra of the various Pb(II) cyanide species 
detected (I = 1M HClO4, NaClO4). Note that the Pb(CN)20 spectrum is doubtful and 
may include incipient precipitation. 
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Figure 4.15 UV–Vis spectrophotometric spectrum of 1M NaCN saturated with 
massicot (yellow PbO). The spectrum was taken against 1M NaCN using a 0.10cm cell. 
 
Solid species 
The literature claims that the white solid ‘lead cyanide’ easily forms by the addition of 
Pb2+(aq) to a solution of CN–
186
 and indeed the formation of this precipitate has been used 
as analytical proof for the presence of Pb(II) in qualitative identification schemes ,189. 
However, on the basis of the precipitates formed by mixing Pb2+ with OH–
2.1
 discussed in 
Section  and the difficulty of forming the Pb(CN)q(2–q)+ species in solution mentioned 
earlier in this section, it was thought appropriate to investigate the nature of this solid 
state species further. Two reactions were studied namely   
Pb(ClO4)2
and 
Pb(NO
(aq)  +  xNaCN(aq)  →  Solid product 1     4.5 
3)2
 
(aq)  +  xNaCN(aq)  →  Solid product 2     4.6 
The off–white solid from Reaction 4.5 was collected by vacuum filtration and dried in 
vacuo at room temperature (Section 4.2.5). Addition of 7M NaOH to the solid, turned it 
orange instantly and the Raman spectrum of the supernatant solution indicated the 
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presence of CN–, Pb(OH)42– and (small amounts of ) ClO4– Figure 4.16 ( ). The Raman 
spectrum of Product 1 (Figure 4.17) showed the presence of CN– at 2088cm–1 and two 
new features, presumably due to bound cyanide, at 2063cm–1 and 2052cm–1
Figure 4.18
 (comparing 
with the Raman spectrum of NaCN(s), ). A number of other, unidentified 
peaks also occur below 500cm–1 Figure 
4.19
. The corresponding IR spectrum of this solid (
) also shows a weak cyanide peak at 2047cm–1 and a strong broad OH– (and /or 
H2O) peak centred near 3500cm–1 120. Numerous unidentified peaks also occur in the 
fingerprint region < 2000cm–1 Figure 4.20. The XRD powder pattern of Product 1 ( ) 
indicated that it differed from the solid formed by mixing NaOH(aq) and PbClO4
Figure 4.21
(aq) 
( ) (which matched the XRD pattern of 3PbO.H2O 191
 
 (2.84x, 3.59x, 3.049)). 
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Figure 4.16 Raman spectrum of ‘lead cyanide’ prepared from Pb(ClO4)2 dissolved in 
7M NaOH taken against a 7M NaOH background. Included above, but not to scale, are 
the spectra of NaClO4 
 
and NaCN in 7M NaOH. 
NaClO4 dissolved in 7M NaOH 
NaCN dissolved in 7M NaOH 
‘lead cyanide’ from Pb(ClO4)2 in 7M 
NaOH 
                                                                                                                                 133 
 
13
8.2
7
21
3.7
0
27
8.2
3
34
3.0
8
43
5.7
3
92
5.6
3
10
52
.75
13
39
.60
20
52
.38
20
88
.64
 0
 2
 4
 6
 8
 10
 12
 14
 16
 18
 20
 22
 24
 26
 28
 30
 32
 34
 36
 38
 40
Ra
ma
n i
nte
ns
ity
 500    1000   1500   2000   2500   3000   3500  
Raman shift (cm-1)
0
2
4
6
8
10
12
14
20002050210021502200
2088.5
2063.4
2051.9
 
Figure 4.17 Raman spectrum of dry ‘lead cyanide’ solid prepared by adding 
Pb(ClO4)2(aq) to a NaCN(aq). Sample was mixed with KBr(s) and taken against a 
KBr(s) background. Inset is a magnification of the main CN–
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Figure 4.18 Raman spectrum of solid NaCN. Sample was mixed with KBr(s) and 
taken against a KBr(s) background. Inset is a magnified view of the main CN–
 
 peak. 
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Figure 4.19 IR spectrum of dry ‘lead cyanide’ solid prepared by adding 
Pb(ClO4)2
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Figure 4.20 Powder XRD spectrum of the precipitate prepared by adding 1M NaCN 
to a ~ 0.5M Pb(ClO4)2
 
 solution. Predominant peak labels are the calculated lattice 
spacings in angstroms. 
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Figure 4.21 Powder XRD spectrum of the precipitate prepared by adding 7M NaOH 
to a ~0.5M Pb(ClO4)2
 
 solution. Predominant peak labels are the respective calculated 
lattice spacings in angstroms. 
The bright white solid that precipitated from Reaction 4.6 was collected and dried as 
mentioned earlier (Section 4.2.5). When 7M NaOH was added to the solid no reaction 
was apparent (i.e. the solid did not turn orange) and the Raman spectrum of the 
supernatant indicated the presence of only Pb(OH)42– and NO3– Figure 4.22 ( ). The XRD 
powder pattern of Product 2 (Figure 4.23) differed from those discussed above (Figure 
4.21 and Figure 4.20), nor was it comparable with the patterns of the common basic lead 
nitrates. 
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Figure 4.22 Raman spectrum of ‘lead cyanide’ prepared from Pb(NO3)2 dissolved in 
7M NaOH taken against a 7M NaOH background. Included above, but not to scale, is 
the spectrum of NaNO3
0
10
20
30
40
50
60
70
80
90
100
10 20 30 40 50 60 70 80
Diffraction angle 2θ  /degrees
R
el
at
iv
e 
in
te
ns
ity
 / 
%
7.308
3.388
3.211
2.998
1.951
 in 7M NaOH and the spectrum of basic lead nitrate dissolved in 
7M NaOH. 
 
Figure 4.23 Powder XRD spectrum of the precipitate prepared by adding 1M NaCN 
to a ~0.5M Pb(NO3)2 solution. Predominant peak labels are the calculated lattice 
spacings in angstroms. 
NaNO3 dissolved in 7M NaOH 
Basic lead nitrate PbOH(NO3) 
dissolved in 7M NaOH 
‘lead cyanide’ from Pb(NO3)2 in 7M NaOH 
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From these tests and spectra it may be concluded that Product 1 is a compound (or 
possibly a mixture of compounds) which contains some form of bound cyanide. Product 
2 on the other hand, does not appear to contain any cyanide and is clearly different from 
Product 1. Hence ‘Pb(CN)2(s)’ is not the solid which precipitates when CN–(aq) is 
added to Pb2+
 
(aq). Clearly further work is required to clarify the nature of the solids that 
are formed, but this is beyond the scope of the present work. 
 
                                                                                                                                 138 
 
5. IRON(II) AND IRON(III) CYANIDE SPECIATION  
 
5.1 Introduction 
 
5.1.1 The iron(III) cyanide system 
 
The chemistry of the Fe(III)/CN– system is dominated by the properties of the very 
stable and relatively inert hexacyano complex (Fe(CN)63–) . Virtually nothing is known 
about other mononuclear species such as FeCN2+, Fe(CN)2+, and Fe(CN)30, which have 
been claimed not to exist, in aqueous solutions. Photolysis of Fe(CN)63– solutions is 
known to produce short–lived, lower order complexes like Fe(CN)52–
56
 and free 
cyanide . These reactions have been used to explain the mobility and toxicity of 
Fe(CN)63– in CN– containing waste–sites. However, the species Fe(CN)2+, Fe(CN)30 
and Fe(CN)4– have been detected using UV–Vis spectrophotometry and conductometry 
in dimethyl sulfoxide192. In aqueous solutions only the stability constants of Fe(CN)52– 
and Fe(CN)63– have been estimated (rather crudely), from calorimetric investigations. 
Two polynuclear cyano–complexes; the deep blue Fe2(CN)104– and brown Fe2(CN)60 
have also been reported.   
 
The lack of information on the other mononuclear species is partially due to the very 
high thermodynamic and kinetic stability of Fe(CN)63–(aq). Another reason is iron(III) 
hydrolysis, which prevents the formation of cyano–iron complexes when Fe(III) is 
added to cyanide solutions. Hence, a better understanding of the Fe(III) cyanide system 
had to be sought through experiments that excluded ferric hydrolysis. The high stability 
and inertness of Fe(CN)63– also meant that a strongly competing cation was required to 
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prevent the stoichiometric conversion of all added CN– to Fe(CN)63–
M
(aq). Both these 
requirements were met by performing the speciation studies with aqueous HCN. This 
meant that the desired species might be formed via the reaction: 
z+ + nHCN  M(CN)n(z–n)+ + nH+
Since both Fe(III) and ferricyanide (or hexacyanoferrate(III), Fe(CN)
        5.1 
6
3–
 
) ions have 
strong charge transfer absorption bands, UV–Vis spectrophotometry was the ideal 
choice to characterise and obtain the stability constants of the Fe(III) cyanide species 
present. 
5.1.2 The iron(II) cyanide system 
 
Like iron(III), iron(II) also forms a very stable and highly inert hexacyanide complex 
Fe(CN)64–(aq) with CN–. Again, almost nothing is known about any lower order 
mononuclear complexes, which are thought to be non–existent. Unlike Fe(CN)63–, 
Fe(CN)64– is considered to be non–toxic in part because it is less susceptible to 
decomposition with the release of CN–. Aside from a variety of Fe(CN)64– salts, 
K2Fe(II)Fe(II)(CN)6(s) can also be prepared as a white solid by the addition of a Fe(II) 
solution to a concentrated potassium ferrocyanide (or potassium hexacyanoferrate(II), 
K4Fe(CN)6) solution. This compound is unstable with respect to oxidation and, in the 
presence of oxygen, slowly converts to the extremely stable and inert iron(III) 
hexacyanoferrate(II) salts: the ‘soluble’ (KFe(III)Fe(II)(CN)6(s)) and ‘insoluble’ 
(Fe(III)3[Fe(II)(CN)6]3) Prussian blues. In spite of the likely importance of ferrocyanide 
speciation in aqueous cyanide chemistry, no direct measurement of its stability has ever 
been made. Current knowledge is dependent on the overall formation constant of 
Fe(CN)63– and Fe(CN)64– obtained from calorimetric enthalpy and entropy data and 
                                                                                                                                 140 
 
from the Fe(CN)64–/Fe(CN)63– 174redox potential . These data indicate that the overall 
stability constant of Fe(CN)64–is 7 orders lower than that of Fe(CN)63–(logβ16
174
 = 
43.9) . The Fe(II)/CN– system was investigated using the strong charge transfer 
spectrum of Fe(CN)64–
 
 in a manner similar to that applied with the Fe(III) system. 
5.2 Experimental 
 
5.2.1 Iron(III) cyanide 
 
Blank spectra were obtained by titrating 1M HClO4 against 1M NaCN (for I ≈ 0.5M) 
and 1M NaCN with 1M NaClO4
4.2.1
 (for I = 1M). Spectrophotometric titration procedures 
were identical to those described in Sections  and 4.2.3 using an appropriate 
spectrophotometric cell (10.76, 0.74 or 0.099cm) with solutions containing 3µM–3mM 
Fe(III) prepared in 1M HClO4 3.2.4 as described in Section . The results were analysed 
by SPECFIT using the selected model and fixing the pKa of HCN at 9.01 for I = 0.5M 
and 8.90 for I = 1M. 
 
5.2.2 Iron(II) cyanide  
 
Experiments were conducted as described in Section 5.2.1. 50 mL aliquots of titrand 
(1M HClO4) were placed in the 0.74 cm cell and the solution stirred and purged with N2 
for about one hour. Fe(II) was then introduced to the titrand in the form of a few exactly 
weighed crystals (~0.005g) of Fe(NH4)2(SO4)2(s) which were carefully dropped into the 
cell. Reasonable accuracy was achieved by weighing the sample in a dry glass vial with 
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a high precision balance (Sartorius, 2024MP max 100g ± 0.01mg). When the crystals 
had dissolved, the experiment was performed as described in Section 5.2.1. 
 
5.3 Iron(III) cyanide speciation 
 
Significant changes in the spectra were seen with the distinct spectrum of Fe3+
3.5
 (Section 
) progressively transforming into that of Fe(CN)63– Figure 5.1( ). By dividing these 
spectra into several parts corresponding to progressive additions of CN–
Figure 5.2
, six changes 
were noticeable, indicating possibly the presence of as many as seven distinct species 
( ). It was very difficult to analyse the data obtained from solutions in which 
the Fe(III) concentrations were less than 25µM (using the 10.76cm cell) mainly because 
the changes seen were not clear. Therefore this line of investigation was abandoned in 
favour of the experiments at higher [Fe(III)]T (~0.5 mM) using the 0.74cm and 0.099cm 
cells.  
Analysis of the spectra by SPECFIT failed to converge when models containing the 
species Fe(CN)4–  and Fe(CN)52– were included for most of the experiments except one 
which gave the values of logβ14 = 29.0 and logβ15 = 33.5 (I = 0.5M (NaClO4
Figure 5.3
)). One 
possible reason for this failure was the increasingly irreproducible spectral results at pH 
> 3.5 ( ). This meant that the spectra and logβ1q of Fe(CN)4– and Fe(CN)52– 
could not be deconvoluted from the raw data. Such problems could be attributed to the 
formation of a thermodynamically stronger complex at higher cyanide concentrations, 
kinetic effects or these species (Fe(CN)4–  and Fe(CN)52–) did not form in detectable 
quantities. Some evidence for the last reason is found when comparing the experimental 
spectra with the spectrum of Fe(CN)5(H2O)2– from literature193. In any case, these 
effects would contribute to the errors of the resultant logβ1q values and the calculated 
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spectral results of the system (Table 5–1, Figure 5.5). Attempts to include mixed 
complexes of the form Fe(CN)x(OH)y3-x-y
Table 5–1
 in the model produced non-convergent 
results. Furthermore it was found that the observed changes in the spectra were 
independent of the experimental pH range used (compare experiments done at I = 0.5M 
and I = 1M , ) thus, excluding hydroxo species formation to a significant level.
  
 
Negligible changes were seen in the stability constants of the lower cyanide complexes 
with respect to changes in [Fe(III)]T
Table 5–1
 signifying the absence of any polynuclear species 
( ). During the course of the titration of acidified Fe(III) with NaCN solution 
(pH ~ 12), the colour of the solution slowly changed from colourless to a slight chrome 
yellow tint and finally to the lemon yellow characteristic of Fe(CN)63–
Figure 5.5
. These results 
were reflected in the spectra ( ) of the various species formed (Figure 5.4, 
Table 5–2). Hence Fe(CN)63–
56
 can be easily produced in this way by the addition of 
cyanide to Fe(III). This contrasts with the widely accepted view  that the addition of 
CN- to Fe(III) solutions result in the formation of intermediate brown precipitate, 
presumably containing at least some ‘Fe(OH)3’. When 1M CN– solutions were added to 
solutions with a higher concentration of Fe3+(~0.01M) in 1M HClO4, a dark blue 
precipitate formed instead of Fe(CN)63–. Although the nature of this solid was not 
investigated, it appeared to be similar to Prussian blue. 
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Figure 5.1 Absorption spectra of 0.33mM Fe(ClO4)3 at I = 1M (NaClO4) with 0.0 ≤ 
(CN–)T ≤ 0.5,  (0.2 ≤ pH ≤ 7.6). Spectra were recorded against H+/CN–
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Figure 5.2 Selected absorption spectra from Figure 5.1 illustrating the changes 
observed at different pH ranges. 
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Figure 5.3 Plots of absorbance against pH for the various experiments at 250nm (I = 
0.5M). 
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Figure 5.4 Speciation diagram of the Fe(III) cyanide system at [Fe(III)]T ~ 0.41mM, 
I = 1M (HClO4, NaClO4) with 0 ≤ (CN–)T ≤ 0.5 using the stability constants obtained in 
this section. 
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Figure 5.5 Spectra of the various Fe(III) cyanide species detected at 0 ≤ [CN–]T ≤ 
0.5 (0 ≤ pH ≤ 8) with [Fe(III)]T = 0.5 mM and I = 1M (HClO4, NaClO4) calculated by 
SPECFIT. Note that the spectra for Fe3+ and Fe(CN)63–
Table 5–2
 are similar to those observed for 
compounds containing these species ( ). 
Table 5–1 Fe(CN)n(3-n)+
Cell /cm 
 formation constants (± ‘internal’ standard deviations) derived from the SPECFIT analysis of UV–Vis spectrophotometric 
data in the present work. 
[Fe(III)]T 
/×10–4
Wave– 
length/nm M  
pH range [CN– logβ] range 11 logβa 12 logβa 13 logβa 16 Σ(squares) a 
×10
σ(abs) 
–1 ×10
I = 0.5M 
–3 
          
           
0.74 3.33 – 1.67 230 – 500 0.02 – 7.31 0.00 – 0.50 8.54±0.01 16.21±0.04 22.67±0.09 38.27±0.08 0.0589 0.843 
0.74 3.33 – 1.67 200 – 500 0.02 – 7.31 0.00 – 0.50 8.46±0.02 15.87±0.08 21.47±0.20 38.19±0.14 0.298 5.20 
0.74 3.33 – 1.67 230 – 500 0.02 – 7.31 0.00 – 0.50 8.55±0.03 16.05±0.05 22.50 40.06±0.05 2.87 5.10 
0.74 3.33 – 1.67 200 – 500 0.02 – 7.31 0.00 – 0.50 8.64±0.02 15.67±0.05  38.74±0.08 3.05 5.45 
0.74 3.33 – 1.67 200 – 500 0.02 – 7.31 0.00 – 0.50 8.53±0.03 15.96±0.11 22.00±0.16 39.92±0.13 1.05 3.24 
           
Average logβ  pq    8.55±0.06 15.95±0.20b 22.16±0.54 b 39.04±0.90b  b  
           
I = 1M           
           
0.099 20.6 – 9.15 200 – 500 –0.10 – 2.99 0.00 – 0.56 8.62±0.02 16.62±0.04 23.52±0.04    
0.099 8.23 – 4.12 200 – 500 0.02 – 5.50 0.00 – 0.52 8.69±0.11 16.69±0.11 23.50 39.38±0.09 1.17 3.32 
0.099 8.23 – 4.12 200 – 500 0.02 – 5.50 0.00 – 0.52 8.73±0.04 16.69±0.07 23.32±0.08 40.13±0.10 0.0847 0.915 
0.74 5.28 – 2.65 200 – 500 0.00 – 4.75 0.00 – 0.50 8.37±0.02 15.13±0.04  38.74±0.04 12.2 9.68 
0.74 5.28 – 2.64 200 – 500 0.00 – 4.39 0.00 – 0.50 8.50±0.02 15.30±0.05  40.06±0.05 17.03 10.7 
           
Average logβ  pq    8.63±0.10 16.09±0.798b 23.42±0.15b 39.58±0.65b  b  
           
a 1.8 Formation constants of the complexes are defined as in log of Equation  (logβpq 13, page ); b Uncertainties expressed as the standard deviation of the average logβpq values. 
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Table 5–2 Summary of characteristic peaks found in the spectra of the various 
Fe(III) cyanide species. 
Species λmax Calculated ε /nm max 
/103M–1cm
Literature λ
–1 
max/nm 
(εmax/103M–1cm–1
Fe
) 
240 3+ 4.9 240 (4.2)
FeCN
a 
204 2+ 7.9  
 226 5.2  
 392 0.5  
Fe(CN)2 204 + 9.2  
 224(shoulder) 5.2  
 280 1.9  
 400 0.8  
Fe(CN)3 206 0 10.0  
 264 3.1  
 286 3.5  
 408 0.9  
Fe(CN)6 206 3– 9.2 200 (~11)
 
b 
262 2.0 260 (1.4)
 
 b 
302 2.3 301 (1.6)
 
 b 
320 1.6 321 (1.2)
 
 b 
420 0.9 420 (1.1) b 
a Derived from experiments at 25°C and I = 0.1M (NaClO4, HClO4). 
b Values obtained from analysing a K3Fe(CN)6 solution194
 
 
 
5.4 Iron(II) cyanide speciation 
 
With the addition of CN–
Figure 5.6
 to an acid solution containing Fe(II), a rise in absorbance at 
~217nm is seen ( ). These changes can thus be attributed solely to the 
formation of Fe(CN)64– from Fe(II) ions195 Figure 5.6 ( ). Since the kinetic stability of 
Fe(CN)64- 56 is well known  it was not possible to derive any formation constants from 
these data. Experiments at much higher [Fe(II)]T (~ 0.5mM), produced the white 
precipitate Na2FeFe(CN)6(s), which slowly turned to dark blue on the addition of 
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sufficient cyanide or on exposure to air. From this experiment the log*Ksp of 
Na2FeFe(CN)6(s) was estimated to be –13.0 (σ = 0.4) based on the reaction:  
Na2FeFe(CN)6(s)  +  6H+    3Fe+2  +  2Na+
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Figure 5.6 Absorption spectra of 0.26mM Fe(NH4)2(SO4)2(aq) at I = 1M (NaClO4) 
with 0 ≤ [CN–]T ≤ 0.47,  (0 ≤ pH ≤ 3.53). Spectra recorded against H+/CN– solutions 
with same H+/CN– compositions using a 0.74cm cell. Also included is an unscaled 
spectrum of a K4Fe(CN)6
 
 solution. 
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6. MODELLING THE BEHAVIOUR OF COMPLEX CYANIDE 
SOLUTIONS  
 
6.1 Introduction 
 
Although a variety of techniques were employed to characterise the metal–hydroxide 
and cyanide systems studied in the previous chapters, most of the important results were 
obtained from spectrophotometry in the near–UV region (mainly associated with charge 
transfer processes). It must be emphasised that such work was possible only with careful 
and precise solution preparation, good experimental techniques, equipment and software 
to perform the large amount of data analysis required. This was necessary because 
absorption in the near UV region is easily affected by errors from contamination, 
background changes and instrument limitations. Although the theoretical understanding 
of these processes is still in its infancy, spectra (with charge transfer spectral 
information) of the known species are available in the literature. Thus reasonable 
experimental reproducibility and where possible the satisfactory comparison with 
literature spectra of known species provides some assurance of the validity of the results 
obtained especially for the stability values of some of the (new) species described in the 
previous chapters.  
Nevertheless, the acquisition of the stability and solubility constants for all the metal 
cyano–complexes formed is still far from complete. This is despite the results presented 
in this thesis (Table 6–1 and Table 6–2), which significantly extends the knowledge of 
metal–cyanide chemistry in aqueous media. In spite of its remaining limitations, the 
database of metal–cyanide equilibrium constants can be better used to examine some of 
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the properties of cyanide complexes of particular importance in environmental 
solutions. 
 
In particular, the competition between OH– and CN–
Table 6–2
 for metal ions and complexes can 
be evaluated for at least the Fe(III) and Pb(II) systems. Using the stability constants 
obtained in the previous chapters ( ), speciation or predominance (log[CN–]–
pH) diagrams were constructed for the Fe(III)/CN–/OH– Figure 6.1 ( ) and Pb(II)/CN–/ 
OH– Figure 6.2 ( ) systems. According to these results, the metal–hydroxide species 
predominate over a much wider pH range than the cyanide species especially for the 
lead(II)–cyanide system. The possibility of predicting the stability constants of other 
metal–CN– complexes was also examined using correlation studies of CN– with other 
ligands (F– OH– Cl– Br– and I–
 
). By updating the JESS database with the results obtained 
here, a simple simulation study was made to illustrate the use of the stability and 
solubility constants so as to gain further understanding of the way cyanide might behave 
in soil solutions. 
Table 6–1 Solubility products of the various insoluble chemical species determined 
in this thesis at 25°C and I = 1M (NaClO4
Insoluble Complex 
). Errors are standard deviations (σ), and 
values in parentheses are constants of species not quantitatively characterised 
previously. 
log*K
AgOH 
sp 
(–7.1±0.2) 
AgCN –6.4±0.2 
Pb(CN) (–7.0±0.4) 2 
Na2FeFe(CN) (–13.0±0.4) 6 
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Table 6–2 Stability constants for the various systems studied in this thesis at 25°C 
and various I (NaClO4
System 
). Errors are standard deviations (σ), values in curly brackets {} 
are constants for previously poorly characterised species. Values in parentheses are 
constants of species not previously quantitatively characterised. 
I /M logβ logβ11 logβ12 logβ13 logβ14 logβ15 logβ16 
 
22 
        
Pb(II)/OH 1 – 6.6 
±0.3 
11.4 
±0.4 
14.8 
±0.3 
{17.1} 
±0.1 
   
 5 7.6 
±0.3 
13.4 
±0.2 
17.6 
±0.5 
{20.4} 
±0.4 
   
         
Ag(I)/OH 1 – 1.69 
±0.04 
3.47 
±0.04 
     
         
Cu(II)/OH 1 – 6.08 
±0.07 
{12.47} 
±0.07 
{18.2} 
±0.4 
{21.7} 
±0.3 
(23.5) 
±0.3 
(24.0) 
±0.2 
16.8 
±0.2 
         
Fe(III)/OH 0.5 – 10.8 
±0.4 
{21} 
±1 
{28} 
±3 
{33} 
±3 
   
 1 11.1 
±0.2 
{20.6} 
±0.8 
{28.9} 
±2.1 
{34.5} 
±1.2 
(38.0) 
±0.9 
(39.2) 
±0.6 
 
         
Pb(II)/CN 1 – (2.70) 
±0.06 
      
         
Ag(I)/CN 1 –  21.8 
±0.2 
     
         
Ni(II)/CN 1 –    32 
±1 
   
         
Fe(III)/CN 0.5 – (8.55) 
±0.06 
(16.0) 
±0.2 
(22.2) 
±0.5 
  {39.0} 
±0.9 
 
 1 (8.6) 
±0.1 
(16.1) 
±0.8 
(23.4) 
±0.2 
  {39.6} 
±0.7 
 
         
 
 
                                                                                                                                 152 
 
-5
-4.5
-4
-3.5
-3
-2.5
-2
-1.5
-1
-0.5
0
0 1 2 3 4 5 6 7 8 9 10 11 12 13 14
pH
lo
g[
C
N
-]
Fe3+
FeOH2
+Fe(OH)+ Fe(OH)3
0 Fe(OH)4
- Fe(OH)5
2- Fe(OH)6
3-
Fe(CN)2+ Fe(CN)2
+
Fe(CN)3
0
Fe(CN)6
3-
 
Figure 6.1 Predominance of the various Fe(III)/CN–/OH– species simulated using 
SPECFIT with [Fe(III)]T = 10µM, I = 1M NaClO4 at Eh ~ 0.5 and 25°C. The system 
was calculated to be supersaturated with respect to the formation of FeO(OH)2
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Figure 6.2 Predominance of the various Pb(II)/CN–/OH– species simulated using 
SPECFIT with [Pb(II)]T = 10µM, I = 1M NaClO4
 
 at Eh ~ 0.5 and 25°C. 
Correlation studies 
There are very few metal/CN– systems for which data for the first mononuclear complex 
(MCNz–1) are available. The great stability of the higher order complexes for many of 
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these systems prevents detection of the lower complexes. Nevertheless with the logβ11 
constants obtained here and from the literature a limited correlation study with the 
metal–halide complexes could be conducted. Evidently there are no simple relationships 
between the logβ11 values of the metal/CN– system and the metal/F–, and OH– Figure 
6.3
 (
) systems. However, some correlation is seen between the metal/CN– system and the 
metal/Cl–, Br– and I– Figure 6.4 ( ) systems. Such observations are in accord with the 
softness of CN– and illustrate its pseudohalide character.  
 
This correlation starts to fail for the higher order complexes as illustrated by the 
correlation between the metal/(CN–)2 and metal/(I–)2 Figure 6.5 systems ( ). One possible 
reason for this, is that the bonds between the metal and CN– ions in the higher order 
complexes are intrinsically more covalent (the so–called nephelauxetic effect) due to 
back bonding of metal ion electrons into the vacant π antibonding orbitals of CN– . This 
prevents the progressive destabilisation of the complex caused by the accumulation of 
charge density on the metal ion with increasing ligand binding. As for metal ions with 
no accessible d orbitals or containing an inert pair in the outer electronic shell (eg. Pb2+) 
such an interaction cannot be present. Hence, for such systems, the logKpq values are 
expected to fall with increasing q (i.e. increasing CN–
 
 binding) permitting detection of 
the lower order complexes. 
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Figure 6.3 Comparison of logβ11 for metal–CN– complexes with (a) metal–F– and 
(b) metal–OH–complexes for various metal ions at I = 1M NaClO4 and 25°C. Values 
were obtained from the JESS database (Version 6.1a, 1999), and error bars were 
increased to include a range of possible values for systems with lack of data at correct 
conditions. 
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Figure 6.4 Comparison of logβ11 for metal–CN– complexes with metal–(a)Cl–, 
(b)Br– and (c)I– complexes for various metal ions at I = 1M NaClO4 and 25°C. Values 
were obtained from the JESS database (Version 6.1a, 1999),and error bars were 
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increased to include a range of possible values for systems with lack of data at correct 
conditions. 
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Figure 6.5 Comparison of logβ12 for metal–CN– complexes with metal–I– 
complexes for various metal ions at I = 1M NaClO4 and 25°C. Values were obtained 
from the JESS database (Version 6.1a, 1999), and error bars were increased to include a 
range of possible values for systems with lack of data at correct conditions.  
 
6.2 The behaviour of cyanide in aqueous environmental solutions  
 
With the knowledge of the formation constants for most of the important species, 
models for particular environmental scenarios can be developed. Simulation of these 
systems using appropriate software can predict how they will behave in response to 
changing conditions; hence, understanding of cyanide in the aqueous environment can 
be improved. To demonstrate the application of the data obtained in the previous 
chapters (Table 6–1 and Table 6–2) a simple chemical model of a soil infiltrated with 
cyanide solution was constructed. Since cyanide discharges occur very often from 
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metallurgical processes such a model needs to contain a variety of heavy metal ions like 
Zn(II), Cu(I), Pb(II), Ni(II), Ag(I), Cd(II) etc.. Nevertheless, since most of these metals 
form sparingly soluble hydroxides and cyanides in cyanide solutions containing < 1mM 
of CN–, only traces of these metal ions (say less than 5µM) would be expected in the 
solution in contact with the soil. The extent to which such solutions will interact with 
the solid phase of soil that is composed mainly of Al(III) and Fe(III) hydroxo–oxides196 
is unknown. Ultimately these reactions seem likely to govern the fate of CN– in virgin 
environments. However, their role will be diminished once the binding sites of the solid 
have become saturated with CN–
 
, as is likely to be the case in the immediate vicinity of 
mine tailing dams, for example. 
6.2.1 Setting up the model 
 
With dilution of the initial cyanide waste discharge, a good model of the cyanide ‘soil 
solution’ probably contains about 0.1mM of CN– . Most of the trace heavy metals 
present can be subsequently ignored to keep the model simple. Below the surface, as 
contact with atmospheric oxygen recedes, microrganisms are expected to lower the 
electron activity (pe), or the redox potential (Eh, where pe = 16.59 × Eh197) of the soil 
solution and convert the abundant Fe(III) hydroxo–oxides in soil to more soluble Fe(II) 
salts198. Such processes probably do not affect greatly the chemistry of the lighter metal 
ions like Na+, K+, Ca2+, and the anions such as Cl–, CO32–, etc.. Moreover, little 
interaction with the sparingly soluble Al(III)–oxides might be expected. This allows the 
model to be simplified to a solution containing 0.1mM CN–, [Na+]T, 1mM of [Ca2+], 
[K+] in equilibrium with a mixture of Fe(III) hydroxo–oxides, collectively taken as 
Fe(OH)3(soil, s) at various pH and pe. The objective of the model is then to find the 
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predominant species at various pH and Eh values; hence, a prediction of what happens 
‘thermodynamically’ to cyanide in this ‘environmental’ situation can be made. This was 
done using the JESS199,200
Table 6–2
 suite of programs and the associated thermodynamic 
database. The thermodynamic database was updated with the stability constants 
obtained in the earlier chapters ( ), including the precipitation reaction and Ksp 
of K2FeFe(CN)6 5.4(s) (Section ). The calculation was simplified by removing reactions 
of nitrogen oxides, nitrogen hydrides and carbonates. In order to prevent divergence in 
the calculations for some of the species, [Fe]T was fixed at 1mM with the solids 
Fe(OH)3(soil, s), Fe3(OH)8(s), Fe(s), Fe4(Fe(CN)6)3(s)201, Na2FeFe(CN)6(s) and 
KFeFe(CN)6 201(s)  included. Since CNO–
 
 is the thermodynamically stable species in 
solution but kinetically inhibited, it was also excluded from the model. The simulation 
was conducted at various pH and Eh values at 25°C, atmospheric pressure and I = 0.0 
with the constraint, as mentioned above, regarding the solids allowed to precipitate and 
dissolve under equilibrium conditions. 
6.2.2 Results and discussion 
 
The results of the simulation showed that most of the cyanide was expected to 
precipitate as ‘soluble Prussian blue’ (KFeFe(CN)6(s)) and Na2FeFe(CN)6(s) at the Eh–
pH range usually encountered in the environment (3 ≤ pH ≤ 10, –0.36 ≤ Eh ≤ 0.77). 
Such minerals, in fact, appear to be observed in the underdrains of certain mine tailings 
dams202. It is interesting to note that Prussian blue (Fe4(Fe(CN)6)3(s)) itself remained 
soluble probably due to the low [Fe]T used in the model. These results are very different 
from previous simulation studies ,. Notwithstanding errors in the estimates of Ksp for 
Na2FeFe(CN)6(s) and KFeFe(CN)6(s), missing data of other metal/Fe(II)/Fe(III)/CN– 
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species at low Eh and the rather oversimplistic model used (with the exclusion of other 
ions like SO42-, NO3-, Mg2+, CO32- etc from the model); these results broadly agree with 
the observations of field experiments,. According to this model at Eh values above 0.4V 
and at typical environmental pH or greater (pH > 6), the soluble Prussian blue breaks 
down to form Fe(OH)3(s) and oxidised cyanide products203 provided the reaction 
kinetics are fast enough. This forms the basis of a practical method of environmental 
CN– 1.1.2 degradation using hypochlorite solution (Section ).  
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Figure 6.6 Predominance of various carbon–containing species as a function of Eh 
and pH values from the simulation of the cyanide–containing soil model using JESS 
(version 6.1a, 1999),. Conditions used were [Fe(III)]T = 1mM, [CN–]T = 0.1mM, [Na+]T 
= 0.1mM, [K+]T = 1mM, [Ca2+]T
 
 = 1mM at I = 0.0M and 25.°C 
6.3 Conclusions 
 
This work has shown that the measurement of CN– complexes of metal ions is often 
very difficult due to the competitive complexation of metal ions (Mz+) with OH–, and of 
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H+with CN–. In addition the sparing solubility of many metal-cyano and hydroxo species 
places severe restrictions on the accessible experimental (homogenous) concentration 
ranges. The formation of HCN creates further problems because of volatilization and (at 
high concentrations) polymerisation. Most of these problems can be overcome by 
careful selection of the conditions and by measurements at low metal ion concentrations. 
UV-Vis spectrophotometry using a long pathlength cell has been particularly useful in 
this regard, enabling measurements to be made at low metal ion concentrations. Using 
such approaches it has been proven possible to quantify the equilibrium constants for a 
number of previously intractable Mz+/CN-
The modelling of a highly simplified soil solution has highlighted the importance of 
M
 systems. Particular attention has also been 
paid to the role of hydrolysis reactions and a number of these have been quantified in 
this work. 
z+/CN– complexation in cyanide-contaminated soils. In particular, the precipitation of 
mixed Fe(III)/Fe(II)/CN– complexes appears to play a critical role in the retention of 
CN– in the environment. However, there is a need for much more work in this area. 
Such further work should focus on identifying and characterising these mixed 
Fe(III)/Fe(II)/CN–
Nevertheless, in aqueous systems, the metal–cyanide complexation reactions of many of 
the systems relevant to the behaviour of cyanide in the environment have been 
established by the work reported in this thesis (
 complexes and other soluble cyanide complexes. Further work also 
needs to be done to confirm the stability constants and/or solubility products of many 
metal-cyanide systems with particular emphasis on gathering data over wider ranges of 
ionic strength and temperature. Alternatively effort needs to be directed towards direct 
measurement of reaction enthalpies. 
Table 6–1 and Table 6–2). These values 
represent a significant advance in the knowledge required for the development of better 
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speciation models of CN– and OH- with environmental and hydrometallurgical 
significance. 
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